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preface; 



In writing this book, the aim has been to provide a complete 
course in elementary theoretical and practical chemistry. 


PART I 

Part I, which is published separately from Parts II and III, is 
very largely concerned with Inorganic Chemistry to the O 
level of the General Certificate of Education, but a small amount 
of extra material has been included with the object of assisting 
the student in the preliminary stages of specialisation. Consider¬ 
able care has been taken to place this additional matter either in 
separate chapters, or at the ends of some of the chapters, 
so that candidates at the ordinary level should have little 
difficulty in omitting subject matter which does not concern 
them. The inclusion of this extra material has enabled a com¬ 
plete course in Inorganic Chemistry to be provided for several 
examinations which are intermediate in standard between the 
ordinary and advanced levels of the General Certificate. 

A new departure has been made by giving historical notes at 
the ends of the chapters. It is hoped that these notes will not 
only stimulate interest, but also provide a background to the 
development of the subject. 
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Full practical details tor a large number of simple experiments 
have also been included at the ends of the appropriate chapters, 
and care has been taken to give the quantities of materials for 
these experiments, since their omission is a common cause of 
failure in elementary work. 

The introductory chapters give a full account of the most 
elementary aspects of the subject, such as mixtures and com¬ 
pounds, formulae and equations; and it is hoped that this will be 
of value to students who have little or no knowledge of the 
subject. 

The author felt that it was more logical to place the chapters 
on equivalent and atomic weights before those dealing with the 
chemistry of the elements. But, in common with many other 
teachers, he is convinced that Avogadro’s law and its application 
to atomic weights, etc., should only be considered when the 
student has acquired a fair knowledge of the properties of the 
elements. Since the order of treatment varies from teacher to 
teacher, a large number of cross-references has been given 
throughout the book. 

Great emphasis has been placed on the electrochemical series, 
since the author believes that this, and not the periodic table, 
should provide the basis of an elementary course on the metals. 
Once the student is familiar with the order of the metals in this 
series, he has little difficulty in memorising the reaction of metals 
with air, water and acids. 

Questions, chosen principally from recent School Certificate 
papers, have been given at the end of each chapter, and care 
has been taken to include a large number of numerical pro¬ 
blems, since these are a great help in making a student 
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familiar with theoretical principles. For the same reason, a 
wide range of numerical problems have been worked out in 
the text. 


PARTS II AND III 

Parts II and 111 are published together in a separate volume 
and are intended to provide an elementary course in both 
Physical and Organic Chemistry, which it is hoped will 
smooth the way to more serious reading. Incidentally, the 
combined volumes cover the syllabuses of several examinations, 
such as the Civil Ser\’ice Commission and Oxford Science Pre¬ 
liminary (Subject 5 ). 
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PART I 

INORGANIC CHEMISTRY 


CHAPTER I 

THE EVOLUTION OF CHEMISTRY 

Introduction. It is generally agreed that modern chemistry 
began with Boyle in the seventeenth century, but it is possible 
to trace the beginnings of chemistry from the Bronze Age when 
man began to make tools of copper and bronze (copper and tin). 
The development of chemistry may be divided into four periods : 

(i) The Ancient Period, 5Soo b.c.- 400 a.d. 

(ii) The Alchemical Period, 400 a.d.-i 500 a.d. 

(iii) The latro-chemical Period, 1500 A.D.-1650 a.d. 

(iv) The Modern Period, 1650 A.D.-1952 a.d. 

The Ancient Period. To this period belongs the technical 
production of gold, silver, copper, tin, iron, glazed potter\', glass 
and a few dyes. The preparation of metals probably began first 
in Egypt and Mesopotamia, and then spread throughout the 
Greek and Roman civilisations. Gold was presumably the first 
metal in use, since it occurs in the free state. It was extracted by 
washing auriferous gravel or crushed rock. The Egyptians pro¬ 
bably' obtained their copper as early as 3500 B.c. by reducing 
malachite (a basic carbonate of copper mined in Sinai) on char¬ 
coal fires. The invention of bronze, an alloy of copper and tin, 
dates from about 3000 b.c., and marked a great step forward 
in the technical use of metals. Some authorities believe that the 
Egyptians obtained their tin ore (tin oxide) from Cornwall, but 

it is more likely that it was obtained from Persia. The ore is 
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easily reduced to the metal by throwing it on a charcoal fire, so 
that its extraction presents no difficulties. 

Small quantities of iron were used by the Egyptians from very 
early times ; for example, a necklace of rusted iron beads has 
been found which dates from about 4000 b.c., but this and other 
early Egyptian samples of iron contain nickel, and therefore may 
have been obtained from meteoiites. The use of iron for tools 
dates from about 2000 b.c., and the Egyptians are thought to 
have obtained their supplies of the metal from the Hittites in 
Asia Minor, who prepared it by reducing iron oxide with char¬ 
coal. 

Remains of Egyptian glass, dating from before 2000 b.c., have 
been found, but the manufacture of glass on a large scale did not 
begin until about 1370 b.c. The materials used were sand and 
soda (Na^COa), the latter being obtained from the salt lakes of 
Egypt. At a later date much glass was manufactured at 
Alexandria and exported to all parts of the Roman Empire. 

The Egyptians were also skilled in the art of dyeing. Thus 
mummies dating from 2500 b.c. have been discovered with linen 
wraps dyed with indigo. The use of this particular dye is the 
more remarkable because it has to be reduced before it can be 
obtained in solution for dyeing. In Roman times this art had 
been lost, so that indigo had to be used as a pigment and not as 
a dye. 

The Alchemical Period, 400-1500 AJ>. In the millenium 
before the Christian era there were two parallel developments. 
On the north side of the Mediterranean the Greeks speculated 
on the composition and structure of matter, whilst in the south 
the Egyptians were perfecting a considerable industry, based, 
of course, on empirical information. Chemistry as a science had 
not yet begun, but the intermingling of the practical ideas of the 
Egyptians and the philosophic speculations of the Greeks soon 
bore fruit, and at the beginning of the Christian era several 


ALCHEMY 3 

treatises on chemistry were written in Greek at Alexandria. 
They contained a considerable amount of practical information, 
including methods for the alleged transmutation of base metals 
into gold, and it was from this source that the art of alchemy 
was to spring and to dominate chemistry' for more than a thou¬ 
sand years. The word alchemy is derived from <?/, the Arabic 
definite article, and Kmi, the Egyptian word for Egypt, which 
means " black land ”, and refers, no doubt, to the black mud 
which is distributed by the flood waters of the Nile. 

In the seventh century the Arabs conquered Egypt and spread 
along the north coast of Africa to Spain. After the wars were 
over they began to encourage learning of all kinds. Schools, 
colleges, libraries and hospitals were built and properly staffed. 
Greek manuscripts were acquired in large numbers and trans¬ 
lated into Arabic. The result was that the Arabs became ac¬ 
quainted with the scientific works of Egypt and Mesopotamia, 
to which, in succeeding years, were added their own discoveries. 
The Arabic manuscripts were taken to Spain, which was to 
become famous for its universities and a centre for the education 
of European intellectuals. Here it was that the Arabian manu¬ 
scripts were translated into Latin, and thence distributed through¬ 
out Europe. 

The greatest Arabian chemist was most assuredly Jabir ibn 
Hayyan, who lived in the eighth century, and whose fame as a 
chemist was unrivalled throughout Islam and Christian Europe 
of the Middle Ages. He described in his writings chemical 
operations such as crystallisation from solution, and the prepar¬ 
ation of a metal by the reduction of its calx, as well as the amal¬ 
gamation of metals by mercury and new and improved forms of 
apparatus. He also tried to give alchemy a theoretical foundation 
by predicting that mercury and sulphur were necessary compon¬ 
ents of all metals—mercury being the donor of metallic properties 
such as lustre and fusibility, whilst sulphur conferred alterability 
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by fire. But above all Jabir emphasised the necessity of experi¬ 
mentation and observation. Thus, on one occasion he says ; 
“ The first essential is that thou shouJdest perform practical work 
and conduct experiments. For he who performs not practical 
work nor conducts experiments will never attain to the least 
degree of mastery. But thou, O my son, do thou experiment so 

that thou mayest acquire knowledge.** 

Arabian science virtually ended with the crumbling of the 
Empire in the middle of the thirteenth century, and it is to Europe 
that we have to turn for the second half of the alchemical period. 
The study of chemistry was at a very low ebb in this period 
because it was dominated by charlatans whose one aim was to 
discover the Philosopher*s Stone, which would transmute 
lead and other base metals into gold, A large number of al¬ 
chemical manuscripts were written, but most of them were 
totally unintelligible, though they were often exquisitely illumi¬ 
nated. The greatest European writers on alchemy were Albertus 
Magnus (1206-1280), Roger Bacon (1214-1292), and Raymond 
Lully (1232-1316). Albertus Magnus exposed alchemy as a 
fraud, but Roger Bacon, the greatest of our English scientists in 
the Middle Ages, was a firm believer. Like Jabir, he emphasised 
the importance of the experimental method in science. He was 
probably one of the first to distinguish between academic and 
technical chemistry, i.e. between the pursuit of chemistry for its 
own sake and the study of chemistry for commercial profit. 

The latfo-chemical Period, 1500-1650 AJ). The search for 
the philosophcr*s stone had one beneficial effect in that a number 
of new chemicals were discovered. In the period now under 
review transmutation declined in importance, and chemists 
turned their attention to the medical properties of chemicals 
(latro-chemistry =chemistry applied to medicine), and to a search 
for the elixir of life^ which would cure all diseases and confer 
perpetual youth. 
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The central hgurc in this new departure was Paracelsus, who 
was born in Switzerland in 1495. 1 le was educated at the Univer¬ 
sity of Basle, and after working in various laboratories set out 
on a tour through the principal European countries, where he 
evidently gleaned a great deal of general information from 
physicians, alchemists and apothecaries. !n 1527 he was appointed 
as Professor of Medicine and Citv Physician in Basic, but he soon 
had to rclint]uish this post because of the animosity he stirred 
up by his outspoken criticism of current medical practice. The 
remainder of his litc was mcistly spent in wandering from town 
to town in Germany and Switzerland. In spite of this restless 
existence he managed to write a large number ot books on 
medicine and chemistry, in which he emphasised the preparation 
and purification of chemicals for use as drugs. He was essentially 
a reformer of medicine, and contributed little to the advancement 
of chemistry. Boerhaave attributes his fame to the fact that he 
was a good surgeon and a competent physician, to his under¬ 
standing of the use of metallic remedies, to his marvellous cures 
with opium, and especially to his use of preparations of mercury 
to cure new diseases which resisted all the old remedies. These 
five concurring circumstances take in his whole merit, and were 
the matter of all his glory ; the rest was empty smoke, and idle 
ostentation.” 

Paracelsus’s teaching had unfortunate results, as many of his 
disciples, lacking their master’s genius, wrought havoc by their 
indiscriminate and extraordinary prescriptions. Thus one Paris 
doctor advocated the use of sulphuric acid, “ corrected and 
modified ”, as a medicine for stomach troubles on the grounds 
that “ it excites the appetite, warms a cold stomach, consumes 
all the phlegm and attenuates thick and viscous humours, relieves 
colic and dysentery, assuages the burning thirst of interior parts 
in fevers, and immediately stops the hiccough . Another 
doctor orescribed for chickenpox and fever “ the heart and liver 
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of vipers, powdered and made into a paste with the gum of a 
tragacanth bush It is little to be wondered that an edict was 
pas'sed in Paris in 1566 forbidding the use of certain chemicals in 
medicine. 

However, one disciple of Paracelsus, Van Helmont (i 577-1644), 
was destined to play an important role, not only in iatrochemistry 
(i.e. medical chemistry), but also in the development of modern 
chemistry. Thus on the one hand he put forward the first 
rational theory of digestion, and on the other was responsible for 
the recognition of gases and for the introduction of quantitative 
methods. He considered that there were two elements, air and 
water, and that everything else was formed from them. Thus in 
one of his experiments he planted a willow tree weighing 5 lb. 
in a pot containing 200 lb. of earth. The plant was kept well 
watered, and at the end of five years was found to weigh 169 lb., 
whilst the soil, when dried, weighed 2 oz. less than its original 
weight. He therefore concluded that the gain in weight (164 lb.) 
of the willow tree was solely due to the transformation of water 
into wood, bark and roots, whereas, of course, it was due to the 
assimilation of water plus carbon dioxide. It is rather ironical 
that the very man who was the first to recognise the existence of 
carbon dioxide and to name it “ gas sylvestre ” (sylvestus =of the 
woods) was led to an erroneous conclusion, because he did not 
realise the vital part that it played in the growth of plants. 

Van Helmont believed in the possibility of transmutation, 
since he had once witnessed what appeared to be the transforma¬ 
tion of mercury into gold, but he rightly maintained that there 
was no transmutation when metals precipitated other metals from 
solution. He also denied the destruction of metals by acids, and 
said that the metal could be recovered from the resulting salt. 

The Modem Period (1650-1952) may be said to begin with 
Boyle (1627-1691), who not only studied chemistry for its own 
sake, but also introduced a rigorous experimental method, which 
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had been almost totally lacking in all earlier work. In addition. 
Boyle was the first to recognise that an element is a substance 
which cannot be resolved by any means into two or more simpler 
substances ; but unfortunately he did not specifically mention 
any substance that he considered to be an element. Aristotle 
(384-322 B.c.) had held that all matter was composed of a “ prime 
matter ”, which was divested of ail properties, but that on this 
“ prime matter ” could be superimposed the “ elements ”, earth, 
air, fire and water. The alchemists, on the other hand, supposed 
that sulphur, mercury and salt were the elementary principles from 
which metals were derived. Boyle disproved the Aristotelian 
and alchemical theories of elements by showing that none of 
their elements could be extracted from pure metals. 

Boyle was a prolific writer, his most famous work being the 
Sceptical Chemist^ which was published in 1661. In a humorous 
passage in this publication he likens alchemists in their search 
for truth to “ the navigators of Solomon's Tarshish fleet, who 
brought home from their long and tedious voyages not only gold 
and silver and ivory, but apes and peacocks too ”, for their 
theories “ like peacock’s feathers make a great show, but are 
neither solid nor useful; or else like apes, if they have some 
appearance of being rational, are blemished with some absurdity 
or other, that, when they are attentively considered, make them 

appear ridiculous 

Boyle not only excelled as a chemical philosopher, but he was 
also a skilful experimenter. Thus in 1662 he established the gas 
law that now bears his name (p. 52), and carried out experiments 
on combustion (p. no), the preparation and properties of phos¬ 
phorus, acids, bases and salts, etc. He was probably the first 
person to distil liquids under reduced pressure, and to collect 
gaseous hydrogen and show that it was inflammable. 

The century following Boyle's death saw the rise and fall of 
the phlogistic theory (p. 112), the discovery of oxygen and the 

l^ibiary Sri Praiup 
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part it played in combustion (p. 114), the identification of water 
as an oxide of hydrogen (p. 160), the relationship of salts to acids 
and bases (p. 123), the naming of some thirty elements, as well as 
the introduction of a rational system of nomenclature for com- 
pounds, e.g. oxide, sulphide, sulphate. The principal figure in 
these advances was Lavoisier, who was not only the greatest 
chemist of the eighteenth centur\% but was also a great admini¬ 
strator and philanthropist (p. 115). One of the most important 
developments of the century was the firm establishment of the 
qimtilative method in research work. In the previous century 
Boyle and Jean Rev had used the balance to show that the calcina¬ 
tion of a metal caused an increase in weight, but it was the 
researches of Black (p. 210), and more particularly those of 
Lavoisier, which established for all time the absolute necessity of 
quantitative measurements in scientific research. 

The principal developments in chemistry in the nineteenth 
century were : 

(i) Dalton’s atomic theory (p. 38), and Berzelius’s symbols. 

(ii) Avogadro’s molecular theory (p. 74). 

(iii) The artificial synthesis of thousands of organic compounds 
and the elucidation of their structure. The discover}' and isola¬ 
tion of some forty elements such as sodium, potassium, aluminium, 
fluorine, bromine, iodine and the inert gases. 

(iv) The classification of elements in a periodic table (p. 386). 

(v) The ionic theory (p. 369). 

(vi) The discover}' of radioactivity. 

Great progress was also made in technical chemistr}'. Thus 
new and improved methods were developed for the extraction 
of metals and for the manufacture of chemicals such as soda (p. 
199), sulphuric acid (p, 310) and organic dyes. 

Finally, in the present century, the advances in both theoretical 
and technical chemistry seem to have lost none of the momentum 
that they gathered at the close of the nineteenth century. Thus 
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on the theoretical side there have been remarkable developments 
in the elucidation of the structure of matter and the mechanism 
of chemical changes, whilst on the technical side many new pro¬ 
ducts have been marketed, notably dyes, drugs (e.g. penicillin), 
insecticides (e.g. DDT), artificial fibres (e.g. rayon and nylon) 
and ‘plastics such as “ Bakelite ”, “ Perspex ” and polythene. 
The artificial transmutation of elements has become a reality , 
and six new elemer^ts, namely, neptunium, plutonium, americium, 
curium, berkeUum and californium have been synthesised, m 
addition to many new radioactive isotopes (Pt. II, p. 5^6), some 
of which are finding valuable appUcations in medicine and bio¬ 
chemical research. 

The discovery that the fission of the nuclei of atoms can result 
in the production of a stupendous quantity of energy may lead 
to a new era in the history of mankind, because if this energy 
is harnessed for constructive and not destructive purposes there 
must be an astonishing increase in the material well-being of our 

civilisation. 
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ELEMENTS, MIXTURES AND COMPOUNDS 

Elements and compounds. Chemistry is mainly concerned 
with the composition, properties and preparation of pure 
materials. Chemists have been able to show that all known sub¬ 
stances are built up of one or more of ninety-eight elements, an 
element being defined as: 

A substance which cannot be decomposed into simpler sub¬ 
stances by chemical means. 

Thus pure gold is regarded as an element because it is not 
possible to extract anything but gold from it. For similar 
reasons silver, copper, tin, iron, sulphur, hydrogen and oxygen, 
etc., arc classed as elements. 

Now a pure substance may be either an dement or a compound, 
the latter being defined as : 

A substance which is formed by the union of two or more 
elements in fixed and invariable proportions by weight, and has 
fixed physical and chemical properties at definite temperatures 
and pressures. 

The first part of this definition includes the Law of Constant 
Proportions which states that: 

A pure compound always contains the same elements in the 
same proportions by weight. 

This law can be verified in the laboratory by showing, as in 
Expt. I, p. 20, that a given compound has the same composition 
even when it is prepared by quite different methods. 

A substance which contains more than one element may be a 

pure compound, or it may be (i) a mixture of elements, (ii) a 

10 



mixture of elements and compounds, or (ni) a mixture of com¬ 
pounds. The composition and properties of a compound cannot 
be investigated v:kh certainty unless it is m a pure condition, 
because the presence of impurities alters not only its composition 
but also its properties. It is therefore essential to know, firstly, 
what tests can be applied to distinguish a compound from a 
mixture, and secondly, what methods can be used to separate a 

mixture into its pure ingredients. 

The properties of compounds and mixtures. Betore we 

consider the tests which can be applied to discover whether a 
substance is a pure compound or a mixture, it is convenient to 
discuss in greater detail the differences which exist between com¬ 
pounds and mixtures. 

Firstly, we know that a compound has a definite composition, 
whilst a mixture can have any composition, because there is n() 
Hmit to the number or weight of substances which can be mixed 


together. , . 

Secondly, the ingredients of a mixture retain their own pro¬ 
perties, whilst the constituents of a compound do not do so ; 
e.g. the iron in a mixture of iron and sulphur is still attracted bj 
a magnet and the sulphur is still soluble in carbon bisulphide , 
but neither a magnet nor carbon bisulphide have any action on 
iron sulphide, the compound of iron and sulphur. 

Thirdly, the ingredients of a mixture, but not of a compound, 
can be separated by physical means. Thus, a mixture “f ^8^' 
and sand can be separated by making use of the fact that only 
the sugar is soluble in water; and a mixture of alcohol and water 
can be separated by distillation (p. i6), since alcohol is more 

volatile than water. , 

The above differences between mixtures and compounds can 

be used to find out whether a substance is pure or not. Thus^ 

• (a) ^ pure coujpomd is always homogeneous, whist a mixture may 
he homogeneous or heterogeneous. A homogeneous substance is some- 
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thing which appears to be uniform throughout, i.e. to be made 
up of one sort of matter, whilst a heterogeneous substance 
appears to be made of two or more sorts of matter. A very fine 
mixture may appear homogeneous to the eye because the indi¬ 
vidual particles are too small to be distinguished, but a powerful 
microscope will usually detect the heterogeneity of such a mixture. 
Some mixtures, however, appear to be homogeneous even under 
the microscope, as, for example, a solution of a substance in 
water. The existence of homogeneity does not therefore neces¬ 
sarily mean that a substance is pure. 

(b) A pure compound has a fixed and definite melting pointy whilst a 
mixture usually melts over a range of temperatures. This is a very 
valuable test for examining the purity of a solid, or of any liquid 
which can be easily frozen to a solid. 

(c) A pure compound boils at a fixed and definite temperature^ whilst 
the boiling point of a mixture rises if the vapour is allowed to escape. 
When a mixture is boiled, the vapour which is expelled contains 
a greater proportion of the more volatile constituent than does 
the liquid; the result is that the liquid becomes increasingly rich 
in the least volatile of its ingredients, so that its boiling point 
rises. 

(d) The composition of a pure substance is not altered ly solution and 
recovery from a suitable solvent^ whilst that of a mixture is. Thus the 
composition of pure common salt is not changed by recrj’stal- 
lising it from water, but that of crude salt is, the impurities 
remaining undissolved or in the mother liquors left after crystal¬ 
lisation. Similarly, the composition of air is altered by dissolving 
it in water and then expelling it by heating. This fact is utilised 
in Expt. 20, p. 121, to show that air is a mixture and not a 
compound of ox)'gen and nitrogen. 

In applying the above method as a test of purity, it is essential 
that the substance should not react with the solvent, at least 
under the experimental conditions. 
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PURIFICATION OF SOLIDS 

The separation of mixtures into pure substances. Mixtures 
are separated into their pure ingredients by both chemical and 
physical methods. The processes employed for any partKular 
separation naturally depend on the properties of the ingredients 
of the mixture. This is particularly the case when chemical means 
are employed, and since these require an intimate knowledge o 
chemistry it is impossible to discuss them here, with the excep¬ 
tion of the drying of gases. By contrast, physical methods arc 
relatively simple and are described in the ensuing paragraphs 

under the three headings ; 

(i) The separation of solid mixtures. 

(ii) The separation of liquid mixtures. 

(iii) The separation of gaseous mixtures. 

The separation of solid mixtures. («) By solution.—This 
method depends on the fact that the ingredients of a mixture 
differ in their solubility in solvents such as water, a cohol, etc 
Sometimes it is possible to find a solvent in which at least one of 
the ingredients is insoluble, e.g. only the salt in a mixture of salt 
and sand will dissolve in water. Such a mixture *er" ° 
separated by warming with water and filtering, when the and 
other ingreknt is left on the filter paper and can be purified by 
washing with water. The solution which tuns through the filter 
paper is evaporated to give either a pure substance, if the ordinal 
mixture contained only two substances, or a ""’‘^re with one 
ingredient less than the original mixture. Even when more than 
one ingredient is soluble in the solvent, it is often possible to 
obtain one of them in a pure state hy fracUoml crystal!, satm, . i.e. 
the first batch of crystals which separate out in the evaporation 
of the solvent are picked out and redissolved in a f'eshj-PP*y 
the solvent, which is then evaporated to give a new crop of 
ci stals. B’y repeating this process a sufficient number of nmes 
the least soluble ingredient will be obtained in a pure state 
wMst L other ingredient or ingredients will be concentrated 
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in the mother liquors. If other solvents are used, the remaining 
ingredients can sometimes also be separated by a similar series 
of recrvstallisations. 

(b) By flotation or washing.—This method can be used when 
there is a marked difference in the density of the ingredients of a 
mixture. Thus a mixture of sawdust and copper turnings could 
be separated by throwing on to water, when the sawdust would 
float and the copper would sink. Even when all the ingredients 
are heavier than water they can sometimes be separated in this 
way. Thus tinstone (tin oxide), the mineral from which tin is 
extracted, is separated from earthy matter by washing the well- 
crushed rock with jets of water in special sluices fitted with traps. 
The light earthy matter (s.G. 27) is carried away by the water, 
while the much heavier tinstone (s.G. 7) sinks and is caught in 
the traps. In this way ores containing as little as 1% of tinstone 
can be concentrated up to 70%^ and are then suitable for reduc¬ 
tion to tin, as described on p. 444. Auriferous gravels are sub¬ 
jected to a similar process of washing in order to concentrate the 
free gold (s.G. 19'3) which they contain, as are clays which con¬ 
tain diamonds. The partial separation of mixtures by washing 
is therefore of considerable importance in the concentration and 
extraction of valuable minerals. 

(c) By sublimation and distillation.—Some solid substances 
are easily vaporised so that they can be separated from less 
volatile impurities by sublimation or distillation, and vice versa 
when the impurities are volatile. Solids are said to sublime 
when they vaporise without first liquefying. Thus ammonium 
chloride is a solid which readily sublimes and is therefore 
purified by sublimation, as is also iodine (p. 269). 

Some solids melt to liquids which are sufficiently volatile to 
be distilled, e.g. carbolic acid, m. pt. 42°, b. pt. 181°, is purified 
by distillation, a process which is described in detail under the 
purification of liquids (p. 16). 
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(d) By magnetic attraction.—A magnet can be used to separate 
magnetic from non-magnctic materials. Thus the nails (from 
tractors, etc.) in wheat are removed, before the latter ground 
to hour, by aUowing the grain to fall down a tower "’hrch ^ 

powerful electro-magnets in its sides. The nails > 

L magnets, whilst the wheat falls to the bottom of the tower 
few minerals with magnetic properties are separated from non¬ 
magnetic earthy impurities in a similar way. The crushed ore falls 
from a moving belt on to two heaps at the bottom of " 
magnetic material being separated in one pile, having been pulle 
out of the normal downward course by powerful 
le) By fusion.-Materials which melt easily can be 
from irfusible substances by the application of heat. Thus, i 
Sicily rocky material, containing about loro of sulphur, is heate 
fn special Ulns with sloping hearths; the sulphur mel s and 
flows away from the infusible earthy matter to give a product 

which contains about 95 % of sulphur. Rv filtration 

The separation and purification of liquids, (n) By filtration. 
-Wh'ra'^hquid is contaminated with insoluble sohd matter it is 
usually easih purified by filtration. In the laboratory this can be 
rled S- ioLing the'mixture through a filter paper supported 
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Fig. 2 . Buchner funnel and 
flask for filtration. 


Fig. 1. Filtration by means of 

a filter paper in a funnel. . 

f WFip- but the filtration can be hastened by using 

" :™”prin fS; pp.. > 1^“ 
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Buchner funnel. A, which is fitted into a Buchner flask, B. The 
pump reduces the pressure inside the flask, B, so that the greater 
pressure of the atmosphere assists in forcing the liquid through 
the filter paper. 

{h) By distillation.—Distillation is the most usual method of 
separating a liquid into its pure constituents. In the simplest case 
where one of the ingredients boils at about ioo°, and the others 
are not appreciably volatile at this temperature, a retort and 
water-cooled receiver can be used as in the preparation of nitric 
acid (Fig. 66, p. 527). When, however, one of the ingredients is 
quite volatile at room temperatures, it is necessary to use a water- 
cooled condenser. The latter consists of two coaxial tubes, A 
and B (Fig. 5), between which cold water is circulated, so that 



Fig. 5. Separation of liquids by distillation. 


the vapour passing down the centre tube is cooled and con¬ 
densed. A thermometer is placed with its bulb just below the 
exit tube of the distillation flask, C, so that the temperature of 
the vapour distilling over can be measured. In this way when 
a mixture contains two or more liquids whose boiling points 



17 


PL RlFICATiON Ol- LIQUIDS 

differ by 50° or more, it is possible to collect the distillate (i.e. 
liquid distilling over) in separate tractions which consist of the 
almost pure ingredients, provided that the tractions are collected 
when the thermometer in the flask is approximately at the boiling 
point of one of the ingredients, i.e. the liquid which distils over 
in between two of the boiling points is discarded as it is a 

mixture. 

When the components of a mixture have boiling points 
which are close together, it is not possible to separate them by 
one distillation using this apparatus. Thus if beer, which con¬ 
tains about 4% of alcohol, was distilled in this way, the first 
small portion which distilled over would contain a large per¬ 
centage of alcohol, but it would not be pure alcohol. The middle 
or main portion which distilled over would be largely water, 
and the last portion almost pure water. The first and last por¬ 
tions would have to be redistilled two or three times before the 
products were relatively pure alcohol or water, whilst the middle 
fraction would have to be redistilled several times to effect the 

This* 7 rocess, which is described as Jractioml distillation, is 
now carried out in one operation by using ^fractionating column 
CFie. 4) when the less volatile constituents are condensed in 
the column and returned to the distilling flask, whilst the 
most volatile constituent distils over in a pure state The 
principle underlying the fractionating column is that the less 
volatile ingredients in the vapour are condensed to a greater 
extent than the most volatile ingredient, hence the vapour 
passing up the column becomes progressively richer in the 

latter. • r 

(c) By extraction with another liquid.—The constituents of a 

Uquid mixture can sometimes be separated by shaking with 
another Uquid which dissolves preferentially one of the con¬ 
stituents of the mixture. Thus ether is nearly always used for 
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extracting organic substances from aqueous solution because (i) 
it is only sparingly soluble in water, (ii) it is inert and therefore 
unlikely ^o act chemically on the substances, and (iii) it is very 
volatile and therefore easily separated from the substances 
which it dissolves. 



The separation and purification of gases, {a) By liquefac¬ 
tion. This is the most important method for separating and 
purifying gases; it depends upon the fact that most gases liquefy 
(or boil) at different temperatures. Thus pure oxygen and nitro¬ 
gen are now manufactured by liquefying air, and then partially 
distiUing the resulting Uquid so that the nitrogen distUs off from 
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the less volatile oxygen. In the Haber process for the manufac¬ 
ture of ammonia (p. 317), the latter gas is separated from the un¬ 
changed nitrogen and hydrogen by cooling the compressed gases, 
when the ammonia, but not the nitrogen or hydrogen, condenses 
to a liquid. 

(b) By extraction with a liquid.—The different solubilities of 
gases in liquids can be used to separate and purify them from 
other gases. Thus when hydrogen is manufactured by passing 
steam over red-hot coke, the carbon dioxide which is also formed 
can be removed by washing with water, since it is very much 
more soluble than hydrogen. 

{c) By chemical methods.—Gaseous mixtures are often sepa¬ 
rated by using chemicals which react with one or more of the 
gases or vapours to form non-volatile products. Thus acid 
impurities are removed from neutral gases like hydrogen and 
carbon monoxide by washing with an alkali. \X ater vapour is 
the most common impurity in gases which have been prepared 
in the laboratorv ; the chemicals used for its removal depend 
upon the nature of the gas. Thus in succeeding chapters it will 
be seen that: 

(i) Hydrogen, sulphur dioxide, carbon dioxide, carbon mon¬ 

oxide, nitric oxide and nitrous oxide are dried by 
calcium chloride, sulphuric acid or phosphoric oxide. 

(ii) Hydrogen sulphide is dried by phosphorus pentoxide or 

calcium chloride, but not with .sulphuric acid since it 
reacts with this compound (p. 288). 

(iii) Ammonia is dried by quicklime (p. 316). 

HISTORICAL NOTES 

Until the eighteenth century quantitative measurements were almost 
non-existent in chemical investigations, because alchemists, iatro- 
chemists and phlogistonists were more concerned with the nature 

B C.C. i 
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rather than with the proportions of the elements in substances. How¬ 
ever, the work of Black and Lavoisier in the second half of the eigh¬ 
teenth centur)^ may be said to have established the quantitative method 
and paved the way for the recognition of the law of fixed proportions, 
which, incidentally, was tacitly assumed in their work. By the close 
of the centur)' Proust had shown that certain compounds had the same 
composition, whether they were obtained as a mineral or as a product of 
the laboratory, and therefore formulated the law of fixed proportions : 

** We must recognise an invisible hand which holds the balance in 
the formation of compounds. A compound is a substance to which 
Nature assigns fixed ratios, it is, in short, a being which Nature never 
creates other than balance in hand, pondere et meusura.^' 

Berthollet challenged the law on the ground that the oxidation of 
metals like lead gave products of variable composition, but Proust was 
able to show that such examples were due to the formation of a mixture 
of oxides, each oxide having a definite composition. The technique 
of quantitative work was crude at this period, so Proust’s measure¬ 
ments were not very accurate w'hen judged by modern standards, and 
could certainly be surpassed by many of our present day school boys! 
His law was, how’ever, firmly established by the later and more exact 
work of Berzelius and Stas. 

EXPERIMENTS 

Expt. 1. To verify the law of constant composition. 

First prepare three different specimens of copper oxide as follows ; 
(i) Heat cautiously about lo grams of powdered copper nitrate in 
a large crucible with lid. When the decomposition subsides—it is 
difficult to control at first because of the large amount of water of 
crystallisation in the nitrate—the crucible and contents are ignited 
strongly for about ten minutes until no more brown fumes of nitrogen 
peroxide are evolved ; it is then allowed to cool in a dessicator to 
avoid absorption of moisture. The decomposition of the nitrate may 
be represented by the equation : 

Copper nitrate = copper oxide + nitrogen peroxide + oxygen 
zCufNOa)^ = zCuO + 4NO2 + O^. 
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It is essential to heat the crucible and its contents to constant weight 
to make quite sure that the nitrate has been decomposed completely 

into the oxide. 

(ii) Heat about five grams of copper carbonate in a crucible until no 
further loss in weight occurs. Allow the crucible to cool in a desic¬ 
cator before weighing it, otherwise moisture will be absorbed from 
the atmosphere. The decomposition of the carbonate may be repre¬ 
sented thus : 

Copper carbonate = copper oxide -i-carbon dioxide 
CuCOa = CuO + CO.. 

(iii) Dissolve about lo grams of finely powdered copper sulphate 
in 100 c.c. of hot water in a beaker, then add 40 c.c. of a solution 
of caustic soda and boil cautiously for a few minutes to convert the 
blue precipitate of copper hydroxide into a granular powder of black 
copper oxide. These changes may be represented by the foUowing 

equations : 

Copper sulphate + sodium hydroxide = copper hydroxide + sodium 

sulphate 

CuSOi + zNaOH == Cu(OH )2 -t-Na. 2 S 04 . 

Copper hydroxide = copper oxide 4-water 

Cu(OH) 2 = CuO HgO. 

Allow the copper oxide to settle and decant off the clear upper 
Uquid : then boil the oxide with 100 c.c. of water for about five minutes 
to remove the surplus caustic soda which is absorbed on its surface. 
Decant the oxide on to a filter paper, and after washing it with 100 c.c. 
of boiling water place it in a steam oven to dr>'. Finally, expel the 
residual moisture in the oxide by heating it strongly for 10 minutes in 

a crucible. . , 

The three specimens of copper oxide can now be snown to be 

identical in composition by heating known weights of each of them 

in a stream of hydrogen and weighing the copper thus produced : 

Copper oxide 4-hydrogen = copper -t-water 

CuO + Hg = Cu 4- H2O. 
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Place about 2 grams of one of the specimens of copper oxide in a 
weighed hard glass boiling tube which has a small hole near the closed 
end. Reweigh the tube and then fit it with a cork and deliver)' tube 

from the gas tap and clamp as 
shown in the diagram. Fig. 5. Pass 
coal gas (a convenient source of 
hydrogen as it contains about 50% 
by volume of this gas) over the 
oxide, which should be gently heated 
and spread out along the tube to 
present as large a surface as possible. 
Light the surplus gas which issues 
out of the jet at the end of the tube, 
and adjust the rate of flow of the gas 
so that there is only a small flame 
there, otherwise an appreciable 
amount of fine copper dust may be swept out of the tube. When the 
oxide appears to be reduced to copper, heat it strongly for about 
five minutes, then allow it to cool in the stream of coal gas so that 
the air cannot pass back into the tube and reoxidise the finely divided 
copper. From the new weight of the tube calculate what weight of 
copper combines with eight grams of oxygen. For example : 

(i) Weight of tube + copper oxide = 24*7 j 6 grams. 

(ii) Weight of tube alone =22'7)6 grams. 

Weight of copper oxide = 2-000 grams. 



Fig. j. Reduction of copper oxide 
by coal gas. 


(iii) Weight of tube + copper (after reduction) =a' grams. 
Weight of copper - (iii) - (ii) = .y - 22*756 grams. 
Weight of oxygen = 24-756 -x grams. 


Hence 8 grams of oxygen combine with 
copper. 


(x - 22*756) X 8 
24-756 -X 


grams of 


Repeat the above experiment with the other two specimens of 
copper oxide, when each should give the same value for the quantity 
of copper which combines with 8-o grams of oxygen. 
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QUESTIONS ON CHAPTER II 

1. W'hat are considered to be the main distinctions between a 

chemical compound and a mixture:' Explain why the liquid obtained 
by mixing sodium chloride with water is not regarded as a chemical 
compound. (O. and C.S.C.) 

2. Describe four experiments by which you might determine 

whether a finely powdered solid was a chemical compound, or a 
mixture. (O- C.S.t,.) 

3. Give brictly one method in each case for the isolation of sand 
from the following mixtures : (a) sand and sodium chloride, (b) sand 
and chalk, (<■) sand and sulphur, (r/) sand and powdered charcoal. 

(J.M.B.S.C.) 


4. State the Law of Constant Composition (i.c. Definite Propor¬ 

tions). ^’ou are required to verify this law by using the black oxide of 
copper, and for this purpose you are supplied with specimens of copper 
nitrate and copper carbonate. State clearly (a) how you would prepare 
specimens of copper oxide, {b) how you would use them to verity the 
law. (J.M.B.JS.C.) 

5. Density, melting-point, boiling-point, and solubility in various 

solvents are used in order to discover whether a substance is a mixture 
or not. Describe briefly how each of these methods is employed, and 
give examples of mixtures which could be recognised as such by these 
means. (O.S.C.) 

* 6 . What properties distinguish single chemical compounds from 

mixtures? Describe shortly how you would isolate a pure specimen 

of each constituent from the following mixtures : (a) iron filings and 
powdered sulphur, (b) common salt and ammonium chloride, (c) carbon 
monoxide and carbon dioxide. (O.C.S.) 


*7. State the law of Definite Proportions. 

Describe experiments by which you would prove that (a) hydrogen 
and oxygen, {b) sodium hydroxide and hydrogen chloride react in 
definite proportions. (O.S.C.) 


♦ For revision. 
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PHYSICAL AND CHEMICAL CHANGES 

Physical and chemical changes. When water is cooled it 
freezes to ice ; if the ice is heated sufficiently it changes back to 
water, and further heating converts the water into steam, which 
can then be condensed back to water by cooling. 


heat 

heat 

Ice ’ 

Water ’ Steam 

<- 

< - 

cool 

cool 


These are regarded as physical changes because no new chemical 
substance is produced. Thus ice, like the water and steam, is 
composed of i part of hydrogen and 8 parts of oxygen ; also 
X grams of ice yield x grams of water and then x grams of 
steam, i.e. no alteration of weight occurs in changing from one 
state to another. The easy reversibility of these changes is also 
a characteristic of a physical change. 

Similarly, the magnetisation of a steel needle, by stroking it 
with a bar magnet, is a physical change, because (i) the com¬ 
position of the steel has not been altered, (ii) its weight is the 
same, (iii) its chemical properties are unchanged, e.g. it still 
liberates hydrogen from dilute acids, and fiv) the change is easily 
reversed by heating. 

Again, the dissolving of sugar in water is regarded as a physical 
change, because there is no reason for thinking that the sugar 
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has combined with the water, e.g. it can be recovered unchanged 
by evaporating the water. 

A physical change involves, therefore, a change in state (i.c. 
from solid to liquid or gas, or vice versa) or physical form (i.e. 
colour, shape, etc.), which is easily reversed and which does not 
lead to the formation of substances of new composition. 

On the other hand, when a piece of magnesium ribbon is 
burnt, the ash which is left is entirely different from the original 
magnesium. Thus it differs in appearance, and will not burn or 
liberate hydrogen from dilute acids as does magnesium. If the ash 
is weighed, it is found to be heavier than the original metal, and 
no amount of heating will change it back into the metal. The 
burning of magnesium is therefore an example of a chemical 
change, because a substance of new composition and chemical 
properties has been produced ; the magnesium having combined 
with the oxygen in the air to form magnesium oxide. Further, 
the change has taken place with the liberation of a large amount 
of heat and it cannot be reversed by ordinary means, in contrast 
to a physical change which is easily reversed, usually by altering 
the physical conditions of temperature and pressure. 

The burning of wood, coal, oil, etc., and the rusting or tarnish¬ 
ing of metals such as iron, copper and silver, are additional 
examples of chemical changes, because they yield products of 
new composition, which differ in physical and in chemical pro¬ 
perties from the original substances. Moreover, none of these 
changes can be reversed by physical means, i.e. by changing the 
temperature, pressure, etc. These differences, which are typical of 
physical and chemical changes, may now be summarised as follows: 


Physical changes. 

(i) The actual composition 
of the substance remains un¬ 
changed, though an apparent 


Chemical changes. 

(i) The composition of the 
substance or substances is 
altered, e.g. when magnesium 
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Physical changes, 
change may have occurred, as 
when sugar dissolves in water, 
or sulphur is mixed with iron. 

(ii) The physical but not the 
chemical properties are altered, 
i.e. only a change in state or 
form occurs, as when water 
freezes to ice. 

(iii) The change is easily re¬ 
versed, usually by reversing 
the physical conditions of 
temperature or pressure. 

(iv) No alteration in weight 
occurs, e.g. one gram of water 
yields one gram of ice. 


(v) Heat changes are usually 
small. 


Chemical changes, 
is burnt it yields an ash which 
contains oxygen and mag¬ 
nesium. 

(ii) The chemical as well as 
the physical properties of the 
substance are changed, e.g. 
magnesium, but not its ash, 
liberates hydrogen from dilute 
acids. 

(iii) The change cannot 
usually be reversed except by 
lengthy chemical methods, e.g. 
there is no easy method of con¬ 
verting magnesium ash back 
into the metal. 

(iv) The weights of the indi¬ 
vidual substances alter, but if 
all the reacting substances are 
weighed, their total weight will 
be found to be the same as the 
total weight of the products; 
e.g. when one gram of mag¬ 
nesium is burnt its ash weighs 
1-67 grams, but the increase in 
weight of 0*67 grams is balanced 
by an equal loss in the weight 
of the air. 

(v) Large quantities of heat 
are often liberated; less fre¬ 
quently heat is absorbed, but 
rarely is there no heat change 
at all. 
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The law of conservation of mass. It has been pointed out 
that the individual substances taking part in a chemical change 
alter in weight, but exact measurements have shown that the 
total weight of the reacting substances always remains the sam ; 
i.e. a gain in weight of one substance is counterbalanced by the 
loss in weight of another substance or substances. Now the 
weight of a substance may be taken as a measure of its mass, that 
is, of the quantity of matter in it, hence the above behaviour may 
be generalised as follows : 

The total mass of the substances taking part in any change 
remains the same. 

This rule is known as the law of conservation of mass or law of 
indestructibility of matter. 

The apparent loss in weight which occurs when some sub¬ 
stances such as coal, oil and candles arc burnt, is due to the fact 
that part or all of the products of burning are gases and escape 
into the air. Thus, if the gaseous products from a burning candle 
are absorbed in chemicals and weighed, it can be shown that 
the residual candle plus the products of combustion weigh more 
than the original candle. The increase in weight represents, of 
course, the amount of oxygen which has been taken from the 
atmosphere, and careful measurements w'ould show that it was 
exactly equal to the loss in w^eight of the atmosphere. 

The law of conservation of mass is easily verified in the 
laboratory by allowing a reaction to take place in a weighed and 
sealed flask as in Expt. 3. 

HISTORICAL NOTES 

Although the law of indestructibility of matter must have been 
assumed in the quantitative work of Boyle (1627-1691) and Black 
(1728-1799), it was probably first formulated in a precise form by 
Lavoisicr (1743-1794). The latter had shown in 1774 that there was 
no change in weight when tin was calcined in a sealed flask, and some 

/ . *• • 
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years later (1789) carried out a remarkable experiment on vinous 
fermentation in which he showed that : 

^10* lb. of a mixture consisting of 407 lb. 4 of abater, 100 lb. of sugar 
and z lb. 12 of yeast yielded on fermentation 510/^. of prodtuts consisting 
of },') lb- ) of gaseous carbon dioxide, 409 lb. of rrater, lb. 11 0^. of 

alcohol, 1 lb. 8 0-:^. of acetic acid, 4 lb. 2 0^. of sugar, and i lb. 6 00^. of dry yeast. 
As a result of his experimental work on combustion, vinous fermen¬ 
tation, etc., Lavoisier stated that: 

“ Nothing is created in the operations of either art or nature, and 
it can be taken as an axiom that in ever)’ operation an equal quantity 
of matter exists both before and after the operation .... On this 
principle is based the whole art of making experiments in chemistry : 
in all of them one must suppose a true equality or equation between 
the ingredients of the body which one examines and those which one 
obtains from them by analysis. Thus, since grape juice gives carbon 
dioxide and alcohol, I can say that 

grape Juice carbon dioxide -^-alcohol.'' 

It should be carefully noted that the above quotation contains not only 
one of the first formal statements of the law of consert'ation of mass 
in chemical change, but also one of the first descriptions and illustra¬ 
tions of a chemical equation. 

EXPERIMENTS 

Expt. 2. To determine whether a physical or chemical change 
occurs when : 

{a) Ammonium dichromate is heated. 

(^) Water is added to (i) potassium sulphate and (ii) quicklime. 

{a) Weigh a dry boiling tube in which has been placed about 2 c.c. 
of solid ammonium dichromatc. Heat the tube cautiously until a 
reaction starts—it is advisable to hold the tube nearly horizontal and 
to place near its mouth a folded filter paper, so that any solid which is 
ejected can be put back into the tube before it is heated again. 
When the reaction has subsided, heat the tube for a few minutes to 
complete the decomposition, then reweigh. Compare the properties 

• All figures rounded to nearest ounce. 






of the residual solid with those of ammonium dichromate, e.g. are 
they both soluble in water? 

(b) W^eigh two evaporating basins, one of which contains about 
^ grams of potassium sulphate and the other about 5 grams of quick¬ 
lime. Add about 10 c.c. of water to each basin and stir with a ther¬ 
mometer, noting carefully what changes in temperature, if any, take 
place. Heat both basins to dryness on a water bath and rewcigh, then 
reheat and weigh again to make sure that the evaporation of water is 

complete. 

W hat conclusions can you draw about the changes which occur in 
(a) and (b)? 


Expt. 3. To verify the law of conservation of mass. 

(a) The corfibusthn of phosphorus. A small pellet of phosphorus is 
dropped on to a layer of sand in the bottom of a dry joo c.c. Jena flask 
which is then securely scaled with a rubber bung and weighed. The 
phosphorus is ignited by warming the flask 
cautiously over a small bunsen flame and rotating 
it so that the heat of the burning phosphorus is 
distributed as evenly as possible to prevent the 
flask from being cracked. When the flask has 
cooled it is reweighed and should weigh the same 
as before, in spite of the chemical change and the 
heat and light which have been liberated. 

C^) The precipitation of silver chloride. A solution 

of sodium chloride is placed in the bottom of a 
conical flask. A small test-tube containing a 
solution of silver nitrate is lowered by a piece of thread into the flask 
and secured in a slanting position by jamming the thread against the 
side of the flask by means of a rubber bung (Fig. 6). flask is 

weighed and then tipped to mix the tw-o solutions, when the following 

chemical change takes place : 

Silver nitrate + sodium chloride = sUver chloride + sodium nitrate 

AgN03 + NaCl = AgCl + NaNO^. 

The silver chloride is thrown out of the solution as a white insoluble 
precipiute ; it is therefore clear that a chemical change has taken place 



Fig. 6 . Verification of 
conservation of mass. 
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because a new substance has been produced. On reweighing the flask 
and its contents there should be no detectable alteration in weight. 

The following pairs of liquids may be used as variants of the above 
experiment : 

(i) Solutions of copper sulphate and caustic soda, which react to 
give a blue precipitate of copper hydroxide : 

Copper sulphate + caustic soda = copper hydroxide + sodium sulphate 
CUSO4 + aNaOH = CuCObOa + Na^SO^. 

(ii) Solutions of barium chloride and sodium sulphate which react 
to give a white precipitate of barium sulphate : 

Barium chloride + sodium sulphate = barium sulphate + sodium chloride 
BaClg + Na^SO^ = BaSO^ + iNaCl. 

QUESTIONS ON CHAPTER III 

1. Describe the essential differences between physical and chemical 
changes. Classify the following as physical or chemical changes: (a) the 
freezing of water, (b) the burning of coal, (r) the dissolving of sugar 
in water, ) the rusting of iron. 

2. Classify as “ physical ” or “ chemical ”, giving a brief convincing 
reason in each case, the change which occurs when (a) common salt is 
stirred in water until no solid remains, (b) sodium floats on water, 
finally disappearing, (r) sulphur, heated in a test-tube, vaporises and 
condenses as a solid on the cooler parts of the tube. (J.M.B.S.C.) 

3. What is the essential difference between chemical and physical 
change? 

Indicate clearly the chemical and physical changes involved in the 
following processes, giving full reasons in each case : (a) the addition 
of metallic sodium to water ; (b) the solution of sodium chloride in 
water; (r) the heating of magnesium in air; (d) the heating of 
ammonium chloride ; (^) the addition of water to concentrated sul¬ 
phuric acid. (L.M.) 

4. State the law of indestructibility of matter and describe two 
experiments which you would perform to verify it. 
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SOLUTIONS AND COLLOIDAL SYSTEMS 

SOLUTIONS 

Introduction. In the last chapter the general differences between 
physical and chemical changes were discussed, so that it is 
appropriate to consider here one of the most important of phy¬ 
sical changes, viz. that of dissolving a substance in a liquid. 
Thus, when common salt is shaken with about four times its 
weight of water at room temperature it dissolves and forms a 
homogeneous product (i.e. similar throughout) which is called a 
solution. The salt is described as the solute, and the water is said 
to be the solvent. If the solution is heated in an evaporating 
basin on a water bath, the water gradually evaporates and leaves 
unchanged salt in the basin. The recovery of the salt hy merely 
heating the solution is very strong evidence for thinking that 
the dissolving of salt in water is a physical and not a chemical 
change. This does not mean that the dissolving of any substance 
in water is always only a physical change, for there are a large 
number of substances which dissolve in water and also undergo 

a chemical change at the same time. 

Solubility, The solubility of a substance in a solvent may be 

defined as : 

The number of grams of the substance which will dissolve in 
loo grams of the solvent at a stated temperature to give a saturated 
solution. 

Thus, if an excess of potassium chloride is left in contact with 
100 grams of water at 15°, it will continue to dissolve until the 
water contains 5 2’4 grams of it; the solution is then said to be 

31 
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satiiratedhtc^Kisc it is in equilibrium with an excess of the solute at 
this temperature. If the temperature is now raised to ioo°, more 
potassium chloride will dissolve until the watercontains 56-7 grams 
of it. Most solids and liquids resemble potassium chloride in be¬ 
ing more soluble in water and other solv^ents when the temperature 
is raised, but gases are always less soluble in hot water than in cold 
water. 

The variation of solubility with temperature can lead to a 
supersaturated solutw^f^ i.e. to a solution which contains more of 
the solute than the solvent can normally hold at the given tem¬ 
perature. For example, if a solution saturated with common salt 
at 50® is cooled slowly in the absence of any solid salt or dust, and 
without mechanical agitation, the temperature may fall several 
degrees without any salt separating. If a few grains of salt are then 
added, crystallisation will begin at once and continue until the 
solution contains the right amount of solute for saturation. 

An example of supersaturation is provided by “ hypo ”, which 
dissolves in its own water of crystallisation (i.e. the water which 
is present in the crystals in chemical combination) when it is 
heated, but the resulting solution does not crystallise on cooling, 
if it is kept free from dust and not shaken. The addition of a 
small speck of solid “ hypo ” to this cold solution will start 
crystallisation immediately, and in a short space of time the whole 
of the liquid will have turned to a solid. In general, a super¬ 
saturated solution will always deposit the excess of dissolved 
solid when it is brought into contact with a tiny fragment of the 
solute, but the deposition is sometimes rather slow. 

Measurement of solubility. The first step in the measure¬ 
ment of the solubility of a given substance in a particular solvent 
is to prepare the saturated solution. When there is plenty of 
time, an excess of the powdered solute should be stirred with 
solvent for a few hours at the required temperature. Alterna¬ 
tively, the solid and liquid may be placed in a bottle and shaken 



SOLI BILl rv Cl RVES 


55 


from time to time over a period of a few days, the temperature 
being kept as constant as possible. These precautions arc neces¬ 
sary to ensure that the solution is saturated, since a solute dis¬ 
solves very slowly when its solution is approaching saturation. 
A quicker, but less reliable, method is to heat the solvent with 
excess of solute to a higher temperature than is required, and 
then after stirring the mixture vigorously for five minutes, to 
cool it down to the required temperature and to stir vigorously 
for another five minutes. In this way the solution is nearly 
saturated at the higher temperature, but more than saturated at 
the lower temperature so that solid separates out. The method 
can only be applied, of course, when the solubility of the 
solute increases with the temperature. The main drawback is 
that the resulting solution is frequently supersaturated, in 
spite of the precaution of agitating it with an excess of solid 
solute. 

Having obtained a saturated solution, the solubility of the 
solute can be estimated by either a physical or a chemical method. 
In the former, a weighed amount of the saturated solution is 
evaporated to dryness in a weighed evaporating dish, which is 
then reweighed to give the weight of the solute (Expt. 4, p. 34). 
In the latter method, a weighed quantity of the saturated solution 
is diluted to a known volume with water, and then the weight of 
the solute in a measured volume of this dilute solution is esti¬ 
mated either by titration or precipitation. 

Solubility curves. The solubility of a solute in a solvent 
over a range of temperatures can be deduced by measuring the 
solubilities at five or six different temperatures (spread over the 
given range) and plotting the values so obtained on graph paper ; 
the vertical axis of the graph being used to represent the solubility 
and the horizontal axis the temperature. A curve can then be 
drawn through the points to give a gt^ph which represents the 
solubility over a continuous range of temperatures. The 
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solubility curves for a few common substances are given in 

Fig. 7. 

Expt. 4. To measure the solubility of potassium chlorate in 
water at the temperature of the room. 

Warm about five grams of finely powdered potassium chlorate with 
50 c.c. of water in a boiling tube and keep the temperature between 



30® and 35* for about five minutes, stirring the mixture vigorously 
with a piece of stout copper wire which is bent into a loop at the end. 
Then cool the mixture under the tap, being careful to stir it very 
thoroughly during the cooling and for wo minutes afterwards. 
Allow the cr)’stals of potassium chlorate to settle, measure the tem¬ 
perature of the solution and then pour about 10 c.c. of it into a weighed 
evaporating basin. Reweigh the latter and evaporate the solution to 
dryness on a water bath. The water could be expelled by heating the 
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basin on a wire gauze over a bunsen burner, but it is very difficult to 
avoid losing some of the solute as the mixture spits when it is evapor¬ 
ated in this way. If time permits, it is interesting to repeat the experi¬ 
ment with a solution of potassium chlorate which has been saturated 
by leaving an excess of the solute in contact with water for several 

days. 

The results should be set out as follows : 

(i) ■'X’eight of evaporating basin + saturated solution = 

(ii) Weight of evaporating basin alone = 

Weight of the saturated solution of potassium chlorate = xgrams. 

(iii) VC'cight of evaporating basin -f solid potassium chlorate = 

Weight of potassium chloiate = (iii) - (ii) =y grams. 

Weight of water in above solution = x grams. 

Temperature of saturated solution =/ . 

. ^oqy ^ .8 

Hence solubility of potassium chlorate in water at t . 

Expt. j. To make a solubility curve for potassium chlorate in 

water. ^ 

Method (i). The solubility of potassium chlorate in water at 20 , 

30°, 40®, 30®, 60®, and 70® is measured in a similar manner to that in 
Expt 4 Prepare the saturated solution for each temperature by heating 
water in a boiling tube with excess of the solute to a temperature which 
is about 10® higher than that which is eventually required. After stir¬ 
ring for a few minutes, cool the tube in a beaker of water which is at the 
required temperature ; stir for five minutes. Now continue as in Expt. 
4 i e pour off about 1 o c.c. of the clear solution into a weighed evapo- 
rating basin, reweigh, etc. Plot your results on graph paper using 

the vertical axis to represent the solubility. 

Method (ii). This method is not as accurate as the first one, but 
wiU give very reasonable results if care is taken to carry out the 
following instructions. Weigh out 3-5 grams of potassium chlorate 
into a dr>' boiling tube, add 10 c.c. of water from a burette, and fit the 
tube with a cork containing a thermometer and copper wire stirrer. 
Clamp the boiling tube in an almost vertical position and heat its 
contents rapidly to 70“ ; then raise the temperature slowly towards 
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80®, Stirring continuously. Note the temperature at which the solid 
just disappears, then remove the burner, but continue the stirring until 
a cloud of minute crystals of potassium chlorate appears : note the 
temperature at which this occurs. The mean of the temperatures at 
which solid disappeared and reappeared will be approximately the 
temperature at which 10 grams of water can dissolve 5*5 grams of 
potassium chlorate, since the first temperature will be too high, 
because of the slowness with which a solute dissolves near its saturation 
point, whilst the second temperature will be too low owing to super- 
saturation. If these two temperatures differ by more than 5® it is 
advisable to redetermine them. 

Now add 2-5 c.c. of distilled water from a burette to the boiling 
tube and repeat the above measurements; then repeat again 
after the addition of another 2-5 c.c. of w^ater, and so on, until 10 c.c. 
of water have been added to the original to c.c. Then add the water 
in 5 c.c. portions until a further 15 c.c. have been added. Plot your 
results on a piece of graph paper as in method (i), remembering that 
the second determination gives the temperature at which 12-5 grams 
of water dissolve 3-5 grams of the solute, the third that for grams 
of water, and so on. 

COLLOIDAL SYSTEMS 

This section should not be studied until Chapter XXVII has been read. 

Colloidal suspensions and solutions. Some mixtures which are 

composed of a solid and a liquid appear at first sight to be 

solutions, since they are homogeneous to the eye and pass through 

a filter paper without depositing any of the solid. Closer 

examination of the properties of these mixtures shows that they 

differ from ordinary solutions in one or more of the following 
respects : 

(i) They may scatter light just as a beam of light is scattered by 
dust particles when it passes through a hole in the blind of a 
darkened room. This behaviour, which is known as the Tyndall 
effect, may be shown by means of Expt. 5A, (Ui)a, p. 36c. 
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(ii) The “ dissolved ” solid may be precipitated by boiling the 
mixture or by adding an electrolyte such as an aqueous solution 
of an acid, alkali or salt. 

(iii) The solvent but not the solid can pass through a parchment 

membrane, Expt. 5A, (iii)c, p. 360. 

These pseudo solutions consist either of very small particles 
of insoluble matter or of very large molecules or aggregates of 
molecules which arc apparently soluble in the solvent. In either 
case the particles are so large compared with the size of ordinary 
molecules and ions that they scatter light (the Tyndall effect, (1) 
above). The former class are called lyophobic (solvent hating) 
sols, and the latter lyophiUc (solvent loving) soh and they belong 
to a group of very diverse substances which are classed as colloids. 
Lyophobic colloids are often called colloidal suspensions, and 
the lyophiUc colloids, colloidal solutions, to indicate that the 
former are really insoluble in the solvent and have to be prepared 
by special methods, whilst the latter arc apparently soluble in 
that they can be obtained by the direct action of the solvent on 

the soUd. . . 

In spite of their insolubility, lyophobic colloids can remain in 

“ solution ” almost indefinitely because their particles are so 
small that they ate scattered by random collisions with the 
molecules of the solvent. They are prevented from coalescing 
into larger particles which would settle out as a precipitate because 
they are electrically charged and therefore repel one another 
when they approach closely. This charge, which is due to the 
adsorption of ions on the surface of the particles when they are 
prepared, can be neutralised by the adsorption of ions of opposite 
charge, and hence lyophobic colloids are readily precipitated by 
the addition of electrolytes. This behaviour incidentally plays 
an important part in the formation of deltas at the mouths of 
many rivers. Thus, in addition to coarse material which is 
swept to the mouth of the river by the momentum of the water. 
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fine, insoluble matter is carried in colloidal suspension, and when 
it reaches the sea is brought into contact with an appreciable 
concentration of ions from the salts in the sea water ; as a result, 
the particles lose their charge by adsorbing ions of opposite sign, 
and thus are able to coalesce and form larger particles which 
settle out as mud. 

Lyophilic sols play a vital role in the composition of living 
matter and are of enormous technical importance since they 
include substances such as lacquers, enamels, textiles, explosives, 
soaps, adhesives, medicinal preparations, etc. In contrast, 
lyophobic sols have relatively few industrial applications, though 
lead paints are an important example of their use. 

Paints, lacquers, enamels and varnishes are all colloidal in 
character and in view of their every-day importance are described 
here. 

{a) Paints contain three essential ingredients, namely (i) a solvent, 
such as linseed or tung oil, which hardens in air owing to oxidadon 
so that the paint sets; (ii) a body, such as white lead which is sus¬ 
pended in the oil and (iii) a pigment for giving the desired colour, 
except in the case of a substance such as white paint, where the white 
lead is sufficient in itself. 

{b) Lacquers contain a derivative of cellulose (nitro-cellulose, etc.) 
dissolved in a volatile solvent such as acetone ; and they may or may 
not contain a pigment. When applied to a surface, the solvent eva¬ 
porates leaving a film of the cellulosic material. Lacquers are widely 
used in the painting of motor car bodies. 

(r) Spirit Varnishes contain a natural or synthetic resin in a vol¬ 
atile solvent such as alcohol, so that when they are applied to a surface 
the latter evaporates off leaving a film of the resin. An oil vamisb 
contains in addition a drying oil such as linseed. 

(</) Enamels ate similar to varnishes except that they contain a 
pigment. 

Emulsions. When small particles of an insoluble liquid are 
dispersed throughout another liquid the product is described as 



COLLOIDS 


36c 

an emulsion. There are many important natural and artificial 
colloids of this type. Thus milk is an emulsion of fat in water, 
and salad cream an emulsion of olive oil in a very dilute solution 
of acetic acid. 

Although a very dilute emulsion can usually be prepared by 
shaking the liquids together vigorously, more concentrated 
emulsions require the presence of a third substance which is 
known as an emulsifying agent. Soap is a good emulsifier, and this 
explains why soapy water is so much more efficient than ordinary 
water in the washing of grease from clothes and crockery—the 
grease and water are converted into an emulsion by the soap. 

Expt. 5 a. Preparation and properties of colloids. 

(i) Preparation of colloidal arsenious sulphide {a Ijophobic sol). 

Finely powder 0*5 gram of pure arsenious oxide, and boil with 

500-600 c.c. of distilled water until all is dissolved. Through the 
cooled solution pass a current of sulphuretted hydrogen which has been 
filtered from acid spray by means of a U-tube containing cotton wool. 

When no further deepening of colour occurs, expel the excess of 
hydrogen sulphide, which provides a small concentration of hydrogen 
ions, by blowing hydrogen (freed from acid spray) through the 
solution for half an hour. The “ solution ” is filtered if any sulphide 
has been precipitated, and may be kept in a stoppered flask for several 
years without coagulation taking place. Examine the effect of adding 
dilute hydrochloric acid to a portion of this solution. 

(ii) Preparation of colloidal starch {a lyophiUc sol). 

Grind about i gram of starch into a cream with about 5 c.c. of water 
in a mortar; then pour the product into about 250 c.c. of boiling 
water and stir vigorously until a uniform product is obtained. 

(iii) Properties of lyophiUc and lyophobic colloids. 

(tf) Tyndall effect. Set up an ordinary projection lantern in a dark 
room and fill five small beakers with colloidal arsenious sulphide, starch 
solution, tap water, distilled water and a solution of a pure sodium or 
potassium salt. Hold each beaker in turn in the narrow portion of 
the projected beam ; what do you observe? 
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(/;) Effect of heat and electrolytes. Compare the effect of (i) boiling about 
5 c.c. of the starch and arscnious sulphide sols in separate test tubes 
for about three minutes, (ii) adding an electrolyte such as i c.c. of 
dilute hydrochloric acid to 5 c.c. of the sols in test tubes. 

(f) Dialysis. Mix 20 c.c. of the starch solution with 20 c.c. of a 
1% solution of common salt in a dialyser (see Intermediate Chemistry, 
Lowry & Cavell, p. 649) and clamp the dialyser in a beaker of water. 
A day later, test the solutions inside and outside the dialyser for starch 
and sodium chloride by adding to separate portions (i) a drop of 
iodine solution (starch gives a blue colour) and (ii) a few c.c. of silver 
nitrate solution (the chloride gives a white precipitate). What con¬ 
clusions can you draw? 

(iv) Emulsification. 

Put 2 c.c. of paraffin oil in a test tube with 5 c.c. of water and shake 
vigorously for a minute or two. A milky emulsion of oil in water is 
momentarily produced, but this is unstable and the paraffin oil quickly 
separates as an upper layer. 

Repeat the experiment but add 2 or 5 c.c. of a soap solution before 
shaking the mixture. Does the product separate into two layers on 
standing for a few minutes? 

QUESTIONS ON CHAPTER IV 

1. Explain carefully, with examples, the meaning of the following 
terms : solution, solvent, solute, solubility, supersaturated solution. 

2. What are solubility curves? Of what use are they? 

What experiments would you make in order to construct a solu¬ 
bility curve for potassium chlorate? (O. and C.S.C.) 

3. What do you understand by solubility? How is the solubility of 
(a) a solid, {b) a gas, in water usually affected by a rise in temperature? 

Describe an experiment to determine the solubility of common salt 
in water at the temperature of the laboratory. (O.S.C.) 

4. What is meant by a saturated solution? 

How would you prepare a saturated solution of potassium chloride 
in water at room temperature and how would you ascertain what 
weight of salt one litre of this solution contained? (C.S.C.) 
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5. Plot the solubility curves of the following salts, given the weights 
that dissolve in 100 grams of water at various temperatures. 

O' 20'’ 40° 60® 80° 100° 

KNO3 - - 15.5 5i-(> 64 110 169 246 

NaCl - - 35-7 3 r 9 36-5 57 ‘^ 58 39 -» 

Describe how to obtain fairly pure specimens of each salt from a 
mixture of the two in equal proportions. (O.S.C) 

6. What is meant by (a) a saturated solution, (h) a supersaturated 
solution? One hundred grams of water dissolve the following weights 
of ammonium chloride at the temperatures named : 

Temperature o® 10® 20® 50® 40® 50® 60 80 100 

Substance - 28-4 32-8 57-3 41-3 46*2 50-6 35-0 64-0 72-8 grams. 


Construct the solubility curve of the substance, and from^ihe curve 
determine the solubility of ammonium chloride at 24® and 70®. (L.M.) 

7. Describe the preparation of a colloidal suspension and a colloidal 

solution. 11 -j ^ 

How would you distinguish between these two types of colloids? 

8. W rite brief notes on : (a) dialysis, {h) the Tyndall effect, (r) emul¬ 
sifying agent, (d) lyophobic sol. 

9. What do you know of paints, lacquers and varnishes? 
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THE ATOMIC THEORY 

The composition of matter. The ultimate structure of matter 
has excited the curiosity of man from very early times. Thus 
even before 500 b.c. Greek philosophers speculated as to whether 
matter was “ continuous *\ i.e. capable of being subdivided in¬ 
definitely into smaller and smaller particles, or whether it was 
“ atomic ”, i.e. built up of minute particles which could not be 
subdivided further. These theories were not, however, subjected 
to experimental tests, and therefore remained as unproved and 
almost barren expressions of opinion. 

Two thousand years later, when the period of scientific experi¬ 
ment had begun, the thoughts of chemists and physicists turned 
increasingly towards the Theory of Atoms (Greek, a, not, 
rifivojy I cut), according to which matter was supposed to consist 
of tiny particles, which could not be divided by the means which 
were at man’s disposal. Thus the great experimenter Robert 
Boyle (1627-1691) explained the ‘‘spring of the air” (or its 
tendency to expand on release of pressure) by assuming that air 
was composed of corpuscles whirling in a swiftly-flowing ether ; 
and Isaac Newton (1642-1726) suggested that matter was formed 
of “ solid massy, hard unpenetrable moveable particles ” which 
were “ so very hard, as never to wear or break in pieces ”. 

Dalton’s atomic theory. The idea that all matter was com¬ 
posed of atoms was revived and elaborated in 1802 by John 
Dalton, who sought to explain the laws of indestructibility of 

^8 
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matter (p. 27) and constancy of composition (p. 10) by an atomic 
theory. His theory may be summarised in a modern form as 

follows : 

(i) Ail matter is made up of minute particles called atoms, 

which cannot be destroyed by chemical means. 

(ii) The atoms of a given clement are identical in chemical 

properties, but differ from the atoms of other elements. 

(iii) Chemical combination occurs through the union of atoms 

in simple numerical ratios, e.g. if we represent the atoms 
of two elements by A and then according to Dalton 
their chemical combination should take place in some 

such way as this : 

A:B; A: iB; A: iB; or zA : B, etc. 

(iv) The “ compound atoms ”, i.e. molecules, of a pure com¬ 

pound are identical, but differ from the molecules of 

other compounds. 

The term molecule, which we now use in place of Dalton s 

“ compound atom ”, may be defined as. ^ 

The smallest particle of an element or compound which exists 

in the free state. 

The molecule of a compound must contain at least two dit- 
ferent atoms, e.g. the hydrogen chloride molecule contains one 
atom of hydrogen and one atom of chlorine, whilst the water 

molecule contains two atoms of hydrogen to one o oxj j^en. 
the case of elements it might be supposed that the molecule con¬ 
sisted of a single atom of the element, but this is frequently not 
the case, e.g. the molecules of hydrogen, oxygen nitrogen and 
chlorine each contain two atoms, whilst the phosphorus molecule 

contains four atoms. ^ , 

The first postulate in the above summary of the atomic heory 

was based on Dalton’s belief in the law of indestrucubihty of 
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matter ; and the second on the fact that an element could not be 
split up into other substances. The fourth postulate was based 
on the law of constant proportions, but the third was a brilliant 
guess and led Dalton to predict the law of multiple proportions. 

The law of multiple proportions.—Dalton’s Law of Mul¬ 
tiple Proportions states that: 

When two elements combine together to form more than one 
compound, there is a simple ratio between the different weights 
of one element which combine with a fixed weight of the other 
element. 

Thus copper and ox}’gen combine together to form two dif¬ 
ferent compounds, viz. cuprous oxide which is red, and cupric 
oxide which is black. Analysis has shown that there is exactly 
twice as much copper combined with unit weight of oxygen in 
the red oxide as there is in the black oxide. The existence of 
this simple ratio is easily interpreted in terms of Dalton’s atomic 
theory. Thus according to this theory all copper atoms are 
identical as are all oxygen atoms (postulate (ii), p. 59), and com¬ 
bination takes place through the union of these atoms in simple 
numerical ratios (postulate (iii), p. 59). The ratio of 2 : i can 
therefore be accounted for by supposing that a molecule of 
cuprous oxide contains twice as many atoms of copper per atom 
of oxygen as does a molecule of cupric oxide. The simplest 
arrangement would be : 


One molccujc of cupric oxide. One molecule of cuprous oxide. 

and these are the accepted structures for the molecules of cuprous 
and cupric oxides. Similarly, the fact that carbon dioxide con- 
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tains exactly iwkt as much oxygen per fixed weight of carbon as 
does carbon monoxide is explained by the structures : 



One molecule of carbon dioxide. One molecule of carbon monoxide. 


where the molecule of carbon dioxide is represented as contain¬ 
ing two atoms of oxygen per atom of carbon, in contrast to one 

for the molecule of carbon monoxide. 

The law of multiple proportions was quickly established by 

the work of BerzeUus on the oxides of copper, lead, sulphur, 
etc. and provided one of the main pillars for the Atomic Theory. 
Thus the other laws of chemical combination, including the law 
of reciprocal proportions which is discussed on p. 59, could 
exist without an atomic structure for matter, but the law of 
multiple proportions can only be explained in terms of Dalton’s 

theory of atoms. 


experiment 

Expt 6 To verify the law of multiple proportions. 

This iaw can be verified by reducing known weights of cuprous and 
cupric oxides in a stream of coal gas and weighing the resulting copper 
The apparatus and procedure ate the same as m Expt. P- A 
new specimen of cuprous oxide must be used, otherw^e it is hkely to 
be contaminated with cupric oxide ; it is also advisable to dry it for 
aa hours in a desiccator. The cupric oxide must be igmted strongly 
to dry it. Use about ttvo grams of cupric oxide and four grams of 
cuprous oxide for the reduction. From the measurements calculate 
the weight of copper which is united with 8 grams of oxygen m each 
oxide : do these weights of copper beat a simple ratio to one another. 
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QUESTIONS ON CHAPTER V 

1. Define: atom, molecule, element, compound. 

2. (jive an account of Dalton’s atomic theorj,'. How does it 
explain the laws of constant and multiple proportions? 

*3. What is the law of multiple proportions, and how is it explained 
bv the atomic theory? 

’ Two oxides of nitrogen possess the following percentage com¬ 
positions : 


Nitrogen - - 63*64 46*67 

Oxygen - - 56-36 55-53 

Are these figures in agreement with the law? (O. and C.S.C.) 

*4. State the law of multiple proportions. Describe, giving all 
necessary practical details, an experiment to verify the law. 

A metal forms two chlorides which contain respectively 55-90 per 
cent, and 65-55 per cent, of chlorine. Show how these results may be 
used to illustrate the law of multiple proportions? (C.W.B.S.C.) 

5. State the law of multiple proportions. 

Describe how you would attempt to verify this law experimentally 
if you were given specimens of litharge (PbO) and lead dioxide (PbOg). 
Name one other pair of substances which you could use to verify this 
law. (J.M.B.S.C.) 


* To work out the numerical example, choose a fixed weight of one of the elements 
and calculate the different weights of the other element which combine with this 
fixed weight. 



CHAPTER VI 

SYMBOLS, FORMUL/\E AND EQUATIONS 

Atomic symbols. A novel feature of Dalton s atomic theory 
was the symbols which he suggested should be used to represent 
the various atoms, e.g. O for the oxygen atom, O for hydrogen 
and • for carbon, etc. Since more than forty elements were 
already known, a pictorial representation of this type was very 
confusing, so that the Swedish chemist, Berzelius, suggested that 
an element should be represented by its initial letter, written as a 
capital. When more than one clement had the same initial letter, 
Berzelius proposed that the chief non-metallic element should 
claim precedence and be represented by a single letter, and that 
a second small letter should be added to distinguish other elements 
with the same initial letter, e.g.; 

Carbon - - - C Sulphur - - - S 

Chlorine - - - Cl Silicon - - - Si 

Copper (cuprum) - Cu Tin (stannum) - - Sn 

The bracketed words are the Latin names from which the symbols 
were derived. 

Symbols, valencies and formulae. The symbols of the 
commoner elements are given in Table i, from which it will be 
observed that they are grouped under the headings moaovahU, 
divalent, trivaknt, etc. These special words refer to the valencies 
of the different atoms ; the valency being defined, provisionally, 
as the number of equivalents, that is, combining units in an atom. 
Thus the hydrogen atom contains one equivalent (i.e. one com¬ 
bining unit), and hence is monovalent, the oxygen atom contains 
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two equivalents (i.e. two combining units) and is divalent^ the 
aluminium atom contains three equivalents (i.e. three combining 
units) and is trivahnt, and so on. The highest valencies of 7 and 
8 are omitted from the table as they are of no importance at this 

stage. 

Table 1. S-i-MBOLS and Valencies op the Elements 


Monovalent 

Divalent 

Trivalent 

Pentavalent 

Hydrogen 

H 

Oxygen 0 

Nitrogen N 

Nitrogen N 

Fluorine 

F 

Sulphur S 

Phosphorus P 

(m nitric 

Chlorine 

Cl 

(in sulphides) 

(in phosphor¬ 

acid and 

Bromine 

Br 

Calcium Ca 

ous cpds.) 

nitrates) 

Iodine 

I 

Barium Ba 

Aluminium A1 

Phosphorus P 

Sodium 

Na 

Magnesium Mg 

Iron Fc 

(in phos- 

{natrium) 


Zinc Zn 

(in ferric 

phone cpds.) 

Potassium 

K 

Iron Fc 

cpds.) 


{kalium) 


(in ferrous 


Hexavalent 

Copper 

Cu 

cpds.) 

Tetra valent 

Sulphur S 

(in cuprous 

Tin Sn 

Carbon C 

(in sulphates) 

cpds.) 


(in stannous 

Silicon Si 


Silver 

Ag 

cpds.) 

Sulphur S 


{argentum) 


Lead Pb 

Tin Sn 


Mercury 

Hg 

{plumbum) 

(in stannic 


(in mercur 

9 

Mercury Hg 

cpds.) 


ous cpds.) 


(in mercuric 

Lead Pb 


{hydrargyrum) 

cpds.) 





Copper Cu 





(in cupric 





cpds.) 




The words in italics are the Latin names from* which 

the symbols were derived. 

Now when atoms combine together it is essential that their 
valencies should be satisfied, i.e. each equivalent of one element 
requires an equivalent of another element. Thus the oxygen 
atom contains two equivalents or combining units, and therefore 
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unites with two monovalent hydrogen atoms (=two equivalents) 
to form one molecule of water : 

H2O. 

The number of atoms of an element in a given molecule is 
expressed by writing the numeral at the right-hand bottom 
corner of the symbol, as in the above formula, where the numeral 
indicates two atoms of hydrogen. A number in front of a 
formula represents the number of molecules, e.g. 2oH.,0 means 
twenty molecules of water. 

To obtain a clearer picture of the significance of valency we 
may imagine that atoms have arms equal in number to their 
valency, and that compounds are formed by the linking up oi ail 
the arms of the combining atoms as in the following examples: 

One monovalent hydrogen atom unites with one monovalent 
chlorine atom to form one molecule of hydrogen chloride : 



Cl - > H — Cl or HCl. 


One divalent magnesium atom unites with two monovalent 
chlorine atoms to form one molecule of magnesium chloride : 






or MgCl^ 


One divalent magnesium atom unites with one divalent oxygen 
atom to form one molecule of magnesium oxide : 



^ Mg=0 or MgO. 


One trivalent atom of aluminium unites with three mono¬ 
valent chlorine atoms to form one molecule of aluminium 


chloride: 



^C1 

> Al^C! or AICI 3 
^C1 
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The deduction of the formula of aluminium oxide is more 
difficult, because we arc dealing with an odd and an even number 
of valencies, viz.: 



But the difficulty is easily overcome by writing out more atoms 
of oxygen and aluminium until all the arms, i.e. valencies, are 
satisfied: 



The difficulty of constructing formulae is increased by the fact 
that certain elements have more than one valency. For example, 
copper forms cuprous compounds, in which it is acting as a 
monovalent element, and cupric compounds, in which it is acting 
as a divalent element: 


Cuprous oxide *• CugO Cupric oxide - CuO 

For this reason, copper, mercur)’, iron, etc., have been placed in 
more than one column in Table i, and the special name given 
to the compounds of different valency have been added in 
brackets. It should be noted that the -ous compounds represent 
the lower valency and the -/r compounds the higher valency, e.g.: 


( 1 ) 

Mercurous oxide - HgjO 
( 2 ) 

Ferrous oxide - FeO 
( 2 ) 

Stannous oxide - SnO 

(j) 

Phosphorous oxide PgOs 


( 2 ) 

Mercuric oxide - HgO 

(3) 

Ferric oxide - FcgOj 

(4) 

Stannic oxide - SnOg 

(s) 

Phosphoric oxide PgOg 
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The numerals at the top of the names represent the valency of 
the element. 

When a molecule contains more than two elements, it is impos¬ 
sible to predict its formula from first principles because there is 
no means of knowing how the atoms are linked together, e.g. 
the formula for nitric acid is HNO3, the atoms being linked 
together thus : 

H-O-N^ or HNO3. 


but the pentavalency of the nitrogen atom could equally well be 
satisfied by formulae such as : 


H—N 



or 


HNO2. H^N= O 


or 


H3NO, etc. 


However, if we know the formula of nitric acid we can predict 
the formulae of its salts (i.e. metallic derivatives, see p. 125). 
Thus, reasoning from first principles, we can say that one atom 
of a monovalent metal can take the place of the monovalent 
hydrogen atom in the nitric acid molecule : 


K 

Ag 


- - - 

-•-:h 




NO3 

•NO, 


■►KNO3 potassium nitrate. 
AgNOj silver nitrate. 


But one atom of a divalent metal can take the place of two 
atoms of hydrogen, so that the formula of lead nitrate is : 

NO, 


Pb 


NO 


or Pb(N03)2. 


--:;h;-NO, _^ 

One atom of a trivalent metal can take the place of three hydro¬ 
gen atoms, so the formula of aluminium nitrate is : 


A 1 


- - -:h> 


NO3 

•NO3 

NO3 


Ai 




NOj 

NO3 or A1(N03)3. 
NO3 

C.C. I 
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Similar reasoning may be applied to deduce the formulae of 
the salts of sulphuric acid, H2SO4, e.g.: 



KjSO^ , potassium sulphate. 



MgSO|, magnesium sulphate. 



AljCSO^),, aluminium sulphate. 


The formulae of the salts of carbonic acid, H2CO3, can be 
deduced in the same way, e.g.: 

Sodium carbonate, Na^COg; Calcium carbonate, CaCOg. 

Equations. Chemical changes can be represented by setting 
out the formulae of the reactants and products as an equation; 
for example, the action of sulphuric acid on zinc may be written 
thus: 

Zn + H2SO4 =H2 + ZnS04 (zinc sulphate). 

The beginner usually finds it difficult to construct even a simple 
equation such as the above, and it is therefore advisable for him 
to do the construction in three stages. As a first step he should 
write down the names of the reactants and products in the form 
of an equation ; for example, the formation of hydrogen and 
magnesium chloride by the action of hydrochloric acid on mag¬ 
nesium may be written thus : 

Magnesium + hydrochloric acid 

= magnesium chloride+hydrogen 
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As a second step the beginner should substitute symbols and 
formulae for the names in the above equation, namely : 

Mg + HCI MgCls + Hg. 

It should be noted that an arrow is used in place of the equals 
sign because the ** equation ** is not balanced, and also that hydro¬ 
gen is represented by the formula H2, and not H, because its 
molecules arc known to contain two atoms of hydrogen. For a 
similar reason, the gases, oxTgen, nitrogen and chlorine, are 
represented by the formulae, Oo, Ng, and CI2, respective!). 

As a third and final step, the above equation must be balanced, 
that is, there must be the same number of a given atom on each 
side of the equation. Thus, since there arc two atoms of chlorine 
and two atoms of hydrogen on the right-hand side of the last 
equation, there must be two atoms of each of these elements on 
the left-hand side ; it is therefore necessary to put the numeral 2 
in front of the formula for hydrochloric acid ; 

Mg + 2HCI =MgCl2 + Hg- 

This final equation is correctly balanced, and the student should 
note carefully that the magnesium chloride molecule. MgCK, 
contains one'atom of divalent magnesium ( = two equivalents) 
combined with two atoms of monovalent chlorine ( = two 

equivalents). , 

The following additional examples should help to clear up the 

difficulties in formulating chemical equations: 

(i) The action of chlorine on sodium : 

Step one sodium + chlorine = sodium chloride. 

Step two Na 4 - CI2 NaCl. 

Step three aNa + CI2 = aNaCl. 

(ii) The burning of magnesium in oxygen : 

Step one magnesium -H oxygen = magnesium oxide. 

Step two Mg +02-^ MgO. 

Step three aMg +02 = zMgO. 
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(iii) The action of sodium on water : 

Step one Sodium + water = sodium hydroxide + hydrogen. 

Step two Na + HjO -> NaOH + Hg. 

Step three zNa +2H20= aNaOH + H2. 

(iv) The action of copper oxide on sulphuric acid : 

Step one Copper oxide + sulphuric acid = copper sulphate + water. 
Step two CuO + H2SO4 = CUSO4 + H2O. 

This equation is already balanced so there is no need for the 
third step. 

(v) The action of ferric oxide on hydrochloric acid : 


Step one 

Ferric oxide + hydrochloric 

= ferric 

+ 

water. 

acid 

chloride 



Step two 

Fe 203 + HCl 

-> FeClg 

+ 

HgO. 

Step three 

FCgOg + 6 HC 1 

= zFeClg 

+ 

3H2O. 


(vi) The action of potassium carbonate on nitric acid. 

Step one Potassium + nitric = potassium + carbon + water. 
Carbonate acid nitrate dioxide 

Step two K2CO3 + HN03-> KNO3 + CO2 4 - HgO. 

Step three KjCOg +2HN03= 2KNO3 + COg +H2O. 

In conclusion, the beginner is warned against using symbols 
and formulae in a loose way like the schoolboy who said, “ I 
would prepare by adding dilute H2SO4 to Zn **—a statement 
which implies that he would prepare one molecule of hydrogen by 
adding one molecule of dilute sulphuric acid to one atom of zinc 1 


QUESTIONS ON CHAPTER VI 

I. Write down the symbols and valencies for copper, tin, potassium, 
mercury, sodium, phosphorus, iron. Give the formulae for nitric 
acid, sulphuric acid, aluminium oxide, ferric sulphate, cuprous oxide. 
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2. Write out the formulae for stannous chloride, ferric chloride, 
cuprous chloride, zinc chloride, lead iodide, aluminium bromide, 
stannic oxide, phosphorus pentoxide, potassium nitrate, sodium car¬ 
bonate and calcium carbonate. 

3. Write down the equations for the following reactions; 

{a) The burning of zinc in oxygen. 

{b) The combination of tin with chlorine to form stannic chloride. 
(<■) The reaction of sodium with water to give sodium hydroxide 

and hydrogen. 

{d) The action of sulphuric acid on magnesium to give magnesium 
sulphate and hydrogen. 

{e) The action of hydrochloric acid on aluminium oxide to give 
aluminium chloride and water. 

(/) The action of hydrochloric acid on calcium carbonate to give 

calcium chloride, carbon dioxide and water. 

(^) The action of calcium iodide on silver nitrate to give silver iodide 
and calcium nitrate. Iodides arc formed by the union of iodine with a 
metal. 



CHAPTER Vn 

BOYLE’S LAW AND CHARLES’ LAW 

Standard temperature and pressure. The next chapter de¬ 
scribes how the equivalent weight of a metal can be determine 
by measuring the volume of hydrogen that a known weight of 
it displaces from a dilute acid. The calculation of the equivalent 
weight depends on deducing the weight of the hydrogen from 
its volume. Now the volume of a gas is altered appreciably by 
changes of temperature and pressure, so that its density (weig t 
per unit volume) is also changed. For this reason the tempera¬ 
ture and pressure of the hydrogen have to be recorded and the 
volume reduced to what is termed Standard (or Normal) 
Temperature and Pressure, for which the abbreviation s.t.p. or 
N.T.p. is used. Standard temperature is o° Centigrade, and 

standard pressure is 76*0 cm. of mercury. ^ 

The following paragraphs explain how Boyle’s law and Charles 

law can be appUed to the reduction of the volume of a gas to 
S.T.P. or N.T.p. 

Boyle’s law. This law may be stated as follows : 

When the temperature is constant, the volume of a given mass 
of a gas is inversely proportional to the pressure. 

Thus if we double the pressure on a gas we halve its volume, 
and conversely, if we halve the pressure we double the volume. 
The law may be expressed in the algebraic form : 

V=p or PK =4 .(i) 

where K=the volume, ^=a constant and P=the pressure. 
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Charles" law. When gases are heated under constant pres- 
sure they expand by of their volume at o° C., per degree 
centigrade rise in temperature. Conversely, when they are cooled 
through one degree centigrade they contract by a similar amount. 
If this rate of contraction was maintained the volume of a gas 
would he reduced to zero at - 273° C.. but m practice all gases 
liquefy and freeze before this temperature is reached so that their 
volumes cannot be reduced to zero. The temperature of 
- 273° C. is thought to be the lowest attainable temperature, 
and is known as the Absolute Zero. The so-called Abjiolute 
Temperature is therefore the centigrade reading 3- 273 , since 
0° Centigrade is 273° on the Absolute Scale. Thus : 

- ,0° Centigrade = - 10° -t 273° = 263° Absolute. 

■’ ,0“ Centigrade = 10° -P 275° = ^83° Absolute. 

100” Centigrade = too” -E 273° = 375 ° Absolute. 


A cursory examination will show that the volume of a gas 
must be proportional to its absolute temperature, when the pres¬ 
sure is kept constant. Thus, suppose that we have 273 c.c. of a 
gas at 0“ Centigrade, its volume will become 

at i°C.275-(-(273 xyb) = 274 C-C-. 

at io°C.273 -I-(273 x^“j) = 283 c.c. 


This relationship betrveen the volume of a gas and its absolute 
temperature is known as Charles’ Law, and may be stated thus ^ 
wLn the pressure is constant, the volume of a given mass of 
gas is directly proportional to its absolute temperature. 

.(ii) 


Hence 


V=k!T or 


T ’ 


where K=the volume, constant at constant^ pressure, and 

T = the absolute temperature, i.e. centigrade + 273 . 
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The Boyle-Charles’ gas equation. Boyle’s law and Charles 
law can be combined and expressed by the equation, 

PV r-\ 

PV=KT or -^ = R, .H 


where R is a constant which is the same for all gases. 

The above equation can be applied to calculate the volume of a 
given gas under different conditions of temperature and pressure. 
Thus if V represents the volume of the gas under a pressure, R, 
and at an absolute temperature, T, and V' represents the new 
volume under a different pressure, P , and temperature, T, it 

follows that 


PV FV' 

"T" r ^ 



because PVjT = R and P'V'jT’ —K. 

The application of equation (iv) is illustrated by the following 

examples: 

(a) The volume of a gas is loo c,c, at 15® C. and 74-0 cm. pressure ; 

what will be its volume at s.t.p.? 

P=74cm., K = iooc.c., T = 273 +15 =a88® Abs. 

P' =normal pressure = 76 cm., T' =normal temperature = 273 Abs. 
Substituting these values in equation (iv) gives 


74 X too ~j(>V '. 


288 


275 


« • 




74 X 100 X 273 
76 X 288 


^92*5 C.C. 


if) The volume of a gas is 200 c.c. at s.t.p., calculate its volume at —10® C. 
and 78*0 cm. pressure. 

P = 76cm., F=20oc.c., T = 273°Abs. 

P' = 78cm., T’= 273 -10 = 263® Abs. 


Substituting these values in the equation : 

PV FV' 

T ~ T 
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76 X 200 78 V 

. ^,^ 76x200 c.c. 

275x78 

From the above examples it should be obvious to the student that 
the really essential equation to remember is, 

PV P'V 
T ' 

where T and T' are expressed in degrees absolute. 

The water vapour correction. When a gas is collected over 
water and left for an hour or so it will become saturated with 
water vapour, and in consequence its volume will be expanded, 
just as the addition of milk increases the volume of tea! It is 
therefore clear that in reducing the volume of a wet gas to s.t.p. 
an allowance should be made for water vapour. A little common 
sense is all that is required for the deduction of this correction. 
The observed pressure at which the wet gas has been collected 
is obviously equal to the pressure of the gas plus the pressure of 
the water vapour. The water vapour pressure is therefore sub¬ 
tracted from the total pressure in order to get the actual pressure 
of the gas. The following examples should make the calculation 

clear: 

100 C.C. of hydrogen were collected over water at Q. and cm. pressure ; 

what would be the volume of the hydrogen at s.t.p.? 

At 15® the vapour pressure of water = 1*5 cm. 

• the pressure of the hydrogen =75-0 - !-3 =73-7 cm. =P. 
K=ioo C.C., P' = 76-o. T = 273 +i5=288®Abs., 

PV P'V'. 

"T" r ’ 

73*7 X 100 76'oK' 

288 275 

75*7 273 


But 
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A gas occupies loo c.c. when collected over water at 19° C. and 770 mm, 

pressure ; what will be its volusne at s.t.p.? 

Let P, V, T, represent the initial values of pressure, volume and 

temperature,’ and F, K', T'. represent the final values of pressure, 

volume and temperature. 

Vapour pressure of water at 19® = 17 mm. 

the actual pressure of the gas, P = 77o - 17 = 7 S 5 
V = iooc.c., P'=76omm., T = 19 + 27$ = 292® Abs., T' = 275®Abs. 

Substituting these values in the equation, 

PV P'V’ 

T' T 


gives 


753 X 100 760 X 


292 


273 


. ^,^7S}x,oox27j^^^g C.C. 


292 X 760 

A gas occupies 100 c.c. at s.t.p. ; what will be its volume when collected 
over water at 10® C. and 750 mm. pressure} 

Using the same symbols as above we have: 

K=iooc.c., P = 76omm., T = 275®Abs., T'= 10+ 275 = 283® Abs. 

Vapour pressure of water at lo® = 9 mm. 

P'=7SO-9 = 74i mm. 

PV P'V 


But 


^» 


760x100 741!^' 

275 “ 283 

100x760x283 , 

y* --i- 1 = 106 c.c. 

741 X 273 

In equivalent weight determination it is customary^ to allow 
for the water vapour in reducing the volume of the hydrogen to 
S.T.P. ; but this correction is probably not justified, because in 
most experiments nothing like sufficient time will have been 
allowed for the hydrogen to become saturated with water vapour. 


57 


QUESTIONS 

Nevertheless the water vapour correction is useful in other ways 
and should therefore be learnt. 


QUESTIONS ON CHAPTER VII 

1. State Charles’ law and Boyle’s law and explain the meaning of 

the abbreviation n.t.p. or s.t.p. ^ 

2. Reduce the following volumes to n.t.p. ; (<3) 200 c.c. at 15 C. 
and 800 mm. ; (h) 140 c.c. at lo'C. and 740 mm. ; (r) 305 c.c. at 
30" C. and 700 mm. ; (^) 215 c.c. at 300* C. and 900 mm. 

2. A gas occupies a volume of 273 c.c. at n.t.p. What will its 
volume become at: {a) ifC. and 740 mm.; (b) -13 C. and 740 
mm. ; (c) 27° C. and 600 mm. ; (</) 30® C. and 715 mm.. 

4. Reduce the following volumes to n.t.p. : o ^ j 

(j) 130 c.c.ofhydrogen collected over water at 10 C and 740 mm. 
pressure. (Water vap. press. =9-2 mm. at 10® C.) 

(h) 250 c.c. of oxygen collected over water at 20 C. and 780 mm. 
atmospheric pressure. (XX’ater vap. press. = 17-5 mm. at 20 C.) 

%. A gas occupies a volume of 100 c.c. at n.t.p. ; what will its 
volume become if it is collected over water at 20 C. and 740 mm. 
(Water vap. press. = 17*5 mm. at 20 C.) 

6. A vessel containing air is sealed up at 1 j® C. To what tempera¬ 
ture must the sealed vessel be heated m order to double the pressure 
of the air within? (J.M.B.S.C) 


CHAPTER Vm 

EQUIVALENT WEIGHTS 

Law of equivalent proportions. We have learnt in an earlier 
chapter (p. lo) that a pure compound, in contrast to a mixture, 
has a definite composition by weight which cannot be altered by 
var)'ing the methods of preparing it. It is therefore clear that 
elements combine with one another in certain definite propor¬ 
tions by weight. The question naturally arises as to whether it 
is possible to predict the proportions in which two elements 
combine with one another from a knowledge of the proportions 
in which they combine with some other element. Let us con¬ 
sider the following example : 

When magnesium is placed in a dilute acid it liberates hydrogen, 
and since it is possible to find the weight of the hydrogen which 
is liberated by a known weight of magnesium, we can determine 
what weight of magnesium is required to set free i gram of 
hydrogen. Experiments show that 12 grams of magnesium 
always liberate 1 gram of hydrogen from any dilute acid. By 
burning magnesium in air, as in Expt. 9, we find that 8 grams 
of oxygen combine with 12 grams of magnesium. Now, when 
oxygen and hydrogen combine to form water, do we find that 
8 grams of oxygen combine with i gram of hydrogen? In other 
words, do the proportions in which hydrogen and oxygen com¬ 
bine bear any relationship to the proportions in which they dis¬ 
place or combine with a certain weight of magnesium? The 
answer is in the affirmative. Thus it is possible to show, as in 
Expt. 27, p. 168, that one gram of hydrogen combines with 8 

58 
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grams of oxygen. This relationship is an example of a universal 
rule known as the law of equivalent proportions, viz. : 

The proportions in which two elements combine with one 
another bear a simple ratio to the proportions in which they 
combine with or displace a fixed weight of any other element. 

Thus the law predicts that if a grams of an clement A and h 
grams of an element B combine with r grams of an element C, 
then if A and B combine together they will do so in the propor¬ 
tion of ^ grams of ^1 to grams of B, or in a simple multiple ot 

these quantities, i.e. la grams to h grams, etc. 

These combining proportions are known as equivalent weights, 
and since hydrogen has the smallest equivalent weight it was given 

the arbitrary value of whence : 

The equivalent weight of an element is that weight of it 

which will combine with or displace unit * weight of hydrogen, 
or 8 units weight of oxygen. 

The equivalent weight could be expressed m terms of any unit 
of mass, but it is customary to use the gram. Thus the gram- 
equivalent weights of oxygen, magnesium and chlorine arc 

respectively 8 grams, 12 grams and 3 5-5 grams. 

The conception of equivalent weights is rendered difficult by 
the fact that some elements have more than one equivalent, e.g. 

16 grams of sulphur and 8 grams of oxygen combine with 
I gram of hydrogen, but 8 grams of sulphur combine with 8 
gr^s of oxygen to form sulphur dioxide. Sulphur has therefore 
equivalent weights of i6 and 8. It should be clear from this that 
we cannot predict the exaa proportions in which nvo elements 
wUl combine with one another from a knowledge of the propor¬ 
tions in which they combine with some other element, but we 
can say with complete confidence that they will combine in 
some simple ratio of these proportions. Thus, in the example 
cited above, the weight of sulphur combimng with 8 grams ot 

* When revising, read p. 96. 
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oxv"cn is exactly half that which unites with i gram of 

hydrogen. , . . • i ^ 

■ In conclusion, it should be noted that the law of multiple pro¬ 
portions (p. 40) could not exist if elements had only one equivalent 
weight. Thus in the case of the oxides of copper, which was 
taken as an illustration of multiple proportions, Expt. 6 , p. 41. 
it is found that 8 grams of oxygen are combined with 63-6 grams 
of copper in the red oxide, but with 31-8 grams of copper in the 
black oxide, i.e. copper has equivalent weights of 63-6 and 31-8. 

The determination of the equivalent weights of metals. 
The equivalent weights of metals can be determined in a variety 
of ways, but the actual method employed must depend upon the 
nature of the particular metal; c.g. copper will not displace 
hydrogen from a dilute acid, so its equivalent weight cannot be 
measured by the hydrogen method, instead it is determined by 
the analysis or synthesis of black copper oxide, as described 
in Expts. 1, p. 22 and 10, p. 69. The methods employed for 
finding the equivalent weights of metals are t 

(a) By the displacement of hydrogen. The equivalent weights 
of magnesium, zinc, tin, iron and aluminium can be obtained by 
measuring the volume of hydrogen which is liberated when 
known weights of these metals are dissolved in suitable acids. 
The volume of the hydrogen is reduced to n.t.p., and its weight 
calculated on the assumption that i c.c. weighs 0-00009 gram at 
n.t.p. The gram-equivalent weight of the metal is then obtained 
by calculating what weight of it is necessary to liberate one gram 
of hydrogen from the acid. The practical details for carrying 
out this method are described in Expts. 7 and 8 (pp. 66-68), and 
an illustration is given of how to calculate the equivalent weight 
from the measurements. 

(b) By the synthesis or analysis ol oxides. The equivalent 
weight of some metals can be determined by converting a known 
weight of metal into the oxide, which is then weighed. The 
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equivalent of the metal is found by calculating what weight of it 
will combine with 8 grams of oxygen. This method is applic¬ 
able to metals such as magnesium, copper, zinc and tin, whose 
oxides are readily obtained in a pure condition. \X ith the excep¬ 
tion of magnesium, however, it is difficult to oxidise the above 
metals completely by heating them in air ; their oxides are there¬ 
fore prepared by the action of concentrated nitric acid on the 
metal, when copper and zinc yield nitrates which can be decom¬ 
posed into the oxides by heating, whilst tin is converted directly 

into its oxide. 

The changes that occur in the case of copper may be repre¬ 
sented by the equations: 

Copper + nitric acid = copper -h nitrogen -f- water 

nitrate peroxide 

Cu + 4HNO3 = Cu(NO,) 2 + 2NO2 + zHjO 

Copper nitrate = copper + nitrogen + oxygen 

oxide peroxide 

zCuCNOa). = ^CuO -H 4NO2 + O2; 

and those for zinc are precisely similar, i.e. Zn is written in place 
of Cu The nitrogen peroxide escapes as a dark brown gas which 
is very poisonous, so that the experiment should be performed 
in a fume chamber. The experimental procedure and the calcu¬ 
lations of the equivalent weight are made clear in Expts. 9 and 

10, which are described on pp. 68-69. . r , 

The converse operation of reducing a weighed quantity of the 
oxide to the metal may be carried out in the manner mdicated 
in Expt. I, p- 2Z. Copper and lead oxides are suitable for 
this purpose, but the oxides of zinc, magnesium and aluminium 
cannot be reduced in this way, because they are not attacked by 

hydrogen. , - . 

(c) By the displacement of metals. When a piece of iron is 

placed in a solution of copper sulphate it becomes coated with 
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copper, and iron passes into solution as iron sulphate. This 
interaction may be represented by the equation : 

Iron + copper sulphate := copper +iron sulphate 
Fe + CuSO^ = Cu + FeSO^. 

There are many displacements of this type, and some of them 
can be utilised for the determination of equivalent weights. 
Thus, if we determine the equivalent weight of iron by the dis¬ 
placement of hydrogen, we can then measure the equivalent 
weight of copper by finding what weight of it is displaced from 
a solution of copper sulphate by one equivalent of iron (Expt. ii, 
p. 69). 

This method of determining equivalents is not very reliable, 
because : (i) the precipitation of the new metal round the original 
metal may protect the latter from complete interaction, and (ii) 
the surface of the new metal is in a very reactive state owing to 
its fine state of subdivision, and is therefore liable to be con¬ 
taminated by atmospheric oxidation. 

{d) By electrolysis. This method is explained in detail in 
Chapter XXVII, p. 365, which deals with Faraday’s laws of elec¬ 
trolysis. 

The equivalent weights of non-metals. The equivalent 
weights of non-metals can be measured by methods which depend 
upon the same principles as those which are used for the metals, 
but there are important differences of procedure. Thus, whereas 
many metals liberate hydrogen from dilute acids and yield oxides 
which are stable solids and therefore easily weighed, the non- 
metals do not liberate hydrogen from acids and usually form 
oxides which are gaseous. The following is therefore a brief 
account of some of the methods for measuring the equivalents of 
non-metals. 

(a) Combination with hydrogen. During the period in which 
hydrogen was taken as the standard for equivalents, the synthesis 
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of water provided the classic example of this method of measur¬ 
ing equivalent weights. As a laboratory exercise we can pass 
hydrogen over copper oxide, and collect and weigh the water so 
produced, by means of calcium chloride drying tubes. The loss 
in weight of the copper oxide gives the weight of the oxygen, 
whilst the weight of the hydrogen is obtained by subtracting the 
weight of the oxvgen from the weight of the water. The gram- 
equivalent weight of oxygen can then be calculated by finding 
what weight of it combines with i gram of hydrogen. However, 
since 0X5’gcn has now been adopted as the standard for equivalent 
weights, the object of this experiment should be to measure the 
equivalent weight of hydrogen and the experiment should there¬ 
fore now be classified under the next heading. The practical 

details for this determination are given in Expt. 27, p. 168. 

( 1 ;) The synthesis of oxides. The oxides of non-metals are 
usuaUy gases, but as they are also generally acidic it is often pos¬ 
sible to collect and weigh them by absorption in potash bulbs. 
Thus the equivalent weight of carbon can be measured by burn¬ 
ing a known weight of charcoal in a stream of oxygen, and col¬ 
lecting and weighing the resulting carbon dioxide in potash bulbs. 
The details for this experiment are given on p. 70, whilst the 
analogous determination for sulphur is described on p. 71- 

PROBLEMS 

I. .fC and --//"JO' 

r^ill be mlved ^hen 4-00 ./ calcium are d,ssohed tn ddute hydrochloru 

acid ? /• 1 1 

(Equivalent weight of calcium = ao ; one Utte of hydtogen at n.t.p. 

weighs 0-09 gram.) 

From the above data it is clear that. 

ao grams of calcium Uberate i gram of hydrogen. 

4.0 grams of calcium liberate ^ = o-zo gram of hydrogen. 

But 0-09 gram of hydrogen occupies i litre at n.t.p. 
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O-ZO gram of hydrogen occupies = 2-2^ litres at n.T.p. 

llcnce at 17^ C and 580 mm*, this volume will become : 

2-22 X 290 X iCiO ^ hydrogen. 

273x580 

2 4 certain metal jorms two oxides. When one gram of the first oxide 

was heated to constant weight in a stream of hydrogen the weight of the water 

obtained was o- 5 5 7 S T , t 

treated, the water weighed 0-2500 gram. Calculate the equivalents of the metal. 

What law do the above results illustrate ? , , . 

In order to solve this problem it is necessary (i) to calculate the 

weight of oxygen in each of the oxides, (ii) to subtract these weights 

from the respective weights of the two oxides to get the weights of 

the metal, and (iii) to calculate what weight of metal is combined with 

8 grams of oxygen in each of the oxides. 

W'c proceed on the assumption that both oxides are reduced com¬ 
pletely to the meul by heating in the stream of hydrogen, and that the 
equivalent weights of oxygen and hydrogen are 8 and i respectively. 

Since 8 grams of oxygen unite with i gram of hydrogen to form 9 
grams of water, | of any weight of pure water is oxygen. 

o'3375 g"'- water contains -=0-5000 gm. oxygen, 

o-2too X 8 

and 0-2500 gm. of water contains- - -=0-2222 gm. oxygen. 

In the first oxide : 

0-3000 gm. oxygen unites with i -0*3000 =0-7000 gm. metal. 

. . 0*7000 X 8 . y ,.1 

8 gm. oxygen unite with ■ ^ = 18*67 gm. metal. 


Hence the equivalent weight of the metal in this oxide is 18-67. 
In the second oxide : 


0-2222 gm. oxygen unites with i -0-2222 = 0*7778 gm. metal. 
8 gm. oxygen unite with '^^'^222 ” 28*00 gm. metal. 


Hence the equivalent weight of the metal in this oxide is 28-00. 
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The weights of metal combining with a fixed weight of oxygen are 
as 18-67 : 2.i‘Oo or as z : 3. These results theretore illustrate the law 

of multiple proportions which states that: 

When two elements combine together to form more than one 
compound, there is a simple ratio between the ditferent weights of 
one element which combine with a fixed weight of the other element. 

3. Tn-o grams of when completely dissolved in hydrochloric acid, 
liberated 0-0602 gram oj hydrogen. The same might of :(inc, when added to 
excess of copper sulphate solution, precipitated grams of copper. (Td/fw- 
late the equivalent weight of copper. (O. and CS.C.) 

Since the same weight of zinc displaces 0-0602 gram of hydrogen 

and 1-89 grams of copper, it is clear that: 

o-o6o 2 gm. of hydrogen is equivalent to 1-89 gm. of copper. 

I gm. of hydrogen is equivalent to = ii -4 gm. of copper. 


Hence the equivalent weight of copper is 31-4. 

4, 1 -620 grams of silver were dissolved in nitric acid, to rvhich hydrochloric 
acid was added until all the silver was converted into silver chloride. The latter 
when washed and dried was found to weigh 2-131 grams. the 

equivalent of silver on the assumption that the equivalent weight of chlorine 

tU weight of chlorine combining with 1-620 grams of sUver is 

2*151 - I-620 = 0-531 grams. 

Hence the equivalent tveight of silver (i.e. that weight which unites 
with 35-5 parts of chlorine) is : 

1-620 X 35*5 


= 108. 


O-UI 


historical notes 

The conception of equivalent weights first arose from quantitative 

investigations on the neutralisation of acids and bases. 

dish in 1766 found that the weights of sulphuric acid and mmc ac d 

which neutraUsed the same weight of potash K,CO, ' 

identical weights of marble. aCO, This work was extended by the 
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German chemist, Richter (1761-1807), who drew up a table of equi¬ 
valent weights of acids and bases, sulphuric acid being given the 
arbitrary equivalent of 1000 units. The importance of Richter s work 
was realised in 1807 by Berzelius (i 779 ‘^® 4 ^) who wrote ; 

" It follows from the researches of Richter, that from good analyses 
of a few salts, one could calculate with precision the composition of 
all the others.” 

Berzelius, who did more than any of his contemporaries to provide 
the data whereby the composition of a large range of compounds could 
be calculated from a few accurate analyses, selected 100 parts of oxygen 
as the standard for the equivalent weights of elements. Dalton, how¬ 
ever, who was more interested in deducing the relative weights of 
atoms from the proportions by weight in which elements combined, 
took one part of hydrogen as the standard. The latter standard was 
universally adopted until recently, but, for reasons given on p. 96, 
8 parts of oxygen is now the accepted standard for equivalent weights. 
Berzelius’ work was superseded by the very exact analyses of Stas 
(1813-1891) and the latter by the even more exact analyses of T. W. 
Richards (1868-1928), Morley and others. 

EXPERIMENTS 

Expt. 7. The equivalent weight of magnesium (First method). 

A 250 c.c. round-bottomed flask, A, containing 50 c.c. of dilute 
hydrochloric acid, is fitted with a good rubber cork and delivery tube 
which leads to a 750 c.c. flat-bottomed flask, filled to the neck with 
water and connected to a 500 c.c. measuring cylinder, as shown in 
Fig. 8. Xis a rubber connection so that the flask can be easily tipped, 
whilst Y is another rubber connection fitted with a clip. The reason 
for the latter is that it is necessary to fill both limbs of this tube with 
water so that only water is displaced into the measuring cylinder when 
hydrogen is generated in A. 

About 0-3 gram of magnesium ribbon, which has been cleaned with 
emery paper to remove the tarnish, is then weighed out and placed in 
the neck of the flask, A, which is clamped in a horizontal position to 
prevent the magnesium falling into the dilute acid. The cork is 
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pushed tightly into the flask and the pressure inside the apparatus is 
then adjusted to that of the atmosphere by releasing the clip Y and 
filling the measuring cylinder with water up to the level of that m t e 
flask B. The clip Y is then replaced and the cylinder emptied of water. 
The metal is then brought into contact with the acid by tipping flask ' 1 . 
and the clip Y is released simultaneously. The hydrogen which is 
liberated forces an equal volume of water over into the measuring 
cylinder. When the action has ceased and the flask has cooled to the 



f u water level in C is adjusted to that in B 

temperature o t e > delivery tube is removed from 

(whyO and the d p T replace 

the rneasunng cy , f hydrogen which has been liberated, 

wheh represents h-j "^^^.phere are ascertained, and 

The pressure ", chart. The equivalent 

the water vapour pressure ^ . 

weight of magnesium can then be calculated as foUows . 

S'e of^rIsplaced volume of M-g- 

Temperature =17 U -273 + 7 7 

Atmospheric pressure 

Water vapour pressure at 17® C. = 15 

pressure of hydrogen cc. 

Volume of hydrogen at n.t.p. = J03 x ^^0 ^ ffd - ^78 c.c. 



68 


AN INTRODUCTION TO CHEMISTRY 


I c.c. of hydrogen weighs 0-00009 grams at n.t.p. 

weight of hydrogen =0-00009 x =o-oz50 gram. 

If 0-0250 gram of hydrogen is displaced by x grams of magnesium, 

then I gram of hydrogen is displaced by grams magnesium, 

which is the equivalent weight oj magnesium. 

Expt. 8. Theequivalent weights ofzinc, aluminium, iron and tin. 

The above experiment can be repeated using : 

0-75 gram of zinc and 50 c.c. of zo®o sulphuric acid. 

0-25 gram of aluminium and 50 c.c. of concentrated hydrochloric acid. 
0-75 gram of iron wire „ „ » »> »> 

1-5 grams of tin „ ,> » i> » 

In the case of iron and tin it is necessary to heat the acid. 

Expt. 9. The equivalent weight of magnesium (Second method). 

A crucible and lid are heated gently in a bunsen burner to drive off 
moisture, and after cooling in air are weighed. About half a gram of 
clean magnesium ribbon is coiled rather loosely and placed in the 
crucible, which is reweighed with its lid. The magnesium is then 
burnt by heating it in a bunsen flame, the lid being lifted slightly from 
time to time to assist the oxidation, but care must be exercised, other¬ 
wise some oxide is lost as smoke. W'hen the oxidation of the mag¬ 
nesium is complete, the crucible is allowed to cool and the ash moistened 
with water to convert to oxide the magnesium nitride which is also 
formed. The crucible and its contents are then heated to drymess 
before being weighed again. The chemical changes described above 
may be represented by the following equations : 

Magnesium + oxygen = magnesium oxide, 
zMg + O, = zMgO 

Magnesium + nitrogen = magnesium nitride, 

3 Mg + Nj = MgjNa 

Magnesium nitride + water = magnesium oxide -1- ammonia, 
MgaNa +3H20= 3MgO + zNH^. 

The ammonia, which is liberated on the addition of water to the ash, 
is easily detected by its smell. 
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The results should be set out as follows : 

(i) Weight of crucible ^ lid 4 magnesium =.grams. 


(ii) W eight of crucible +lid 




= X <jrams- 


W ei'iht of magnesium 

(iii) Weight of crucible + lid + ash =. » 

weight of oxygen = (iii) - (0 =7 
Hence equivalent weight of magnesium = - x 8. 

Expt to The equivalent weights of tin, zinc and copper. 

A clean boiling tube, dried by heating it in a bunsen flame, ts we^hed 
empty and then again with about i gram of tin, zinc or copper 
foif ^\bout 4 c.c. of concentrated nitric acid are dripped slowly on to 

the foil until no further interaction occurs ; '’' 47 " 

formed in 

;™e T:ater alid surplus nitric acid, the -be 

almost horizontal position to minimise loss of ^ ® 

of the boilinv liquid. Finally, the tube is ignited strongly until no 
ot tne Doiiin^ i allowed to cool and is rewcighed. 

more fumes are evolved ; it is then aijoucu advisable 

To make sure that 7 | 77 ion of’the equivalent 

to reheat and rewcigh the tune. 

weight is carried out in the same way as that in Expt. 9. 

E.„, TS. -S— 

About one gram of ,hen immersed in a dilute solution 

With emery paper, is weig copper which 

of copper sulphate in a beaker ‘ [ ,.i h distilled water, to 

is precipitated from n lith methylated spirits 

temove the ^hering ‘X; with - meL ” on to a 

to remove 'va-7j,J„ 7ed out flat and dtied cautiously over a 
filter paper, which IS *7 7 . ^ swept with a brush 

small bunsen flame^ The p- ,hen reweighed. The gram- 

on to a 'veighed watch g > ^ what weight of tt 

equivalent weight or copper ij> ; 

would be precipitated by 28-0 grams of iron. 
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En'pt. 12. The equivalent weight of carbon. 

The apparatus depicted in Fig. 9 is set up. The hard glass tul^ 
(12" long) is first thoroughly dried by heating it and blowing air 
through it. A boat containing about i gram of freshly ignited sugar 



Fig. 9. The equivalent weight of carbon. 


charcoal is weighed and placed in this tube together with a layer of 
freshly ignited copper oxide. The materials and tube have to be dried 
carefully, otherwise moisture will be driven over into the potash 
bulbs and invalidate the results. One end of the hard glass tube is 
attached to a U-tube containing calcium chloride, whilst the other end 
is connected to a bubbler which is filled with a strong solution of 
potassium hydroxide. The exit from the bubbler is attached to a cal¬ 
cium chloride tube to prevent loss of moisture from the solution of 
potassium hydroxide. The bubbler and tube are weighed full of 
oxygen, since in the final weighing they will be filled with this gas ; 
they should also be sealed with rubber stoppers at X and Y to 
prevent the infiltration of moist air. A sloiv stream of oxygen is then 
passed through the apparatus and the charcoal and copper oxide are 
heated with bunsen burners. The danger of cracking the hard glass 
tube is considerably reduced if it is protected by an iron tray, as in 
the figure. The charcoal burns mainly to carbon dioxide; but the 
hot copper oxide ensures that the small quantity of carbon monoxide, 
CO, which is formed simultaneously, is oxidised to carbon dioxide: 

CO + CuO = COj + Cu. * 



EXPERIMFiNTS ON EQUIVALENT WEIGHTS 71 

The carbon dioxide is driven over into the bubbler where it is ab¬ 
sorbed by the potassium hydroxide : 

CO., + zKOM - I Ip t KXO^ potassium carbonate. 

The burners are turned out when the charcoal has finished burning, 
but the stream ot oxvgen is allowed to flow for a tew minutes more 
to ensure that all the'carbon dioxide is driven over into the bubbler 
and absorbed. Finallv, the boat and absorption apparatus are re¬ 
weighed in order to find the weight of carbon that has been burnt and 

the weight of the resulting carbon dioxide. ,-11 

The weight of oxvgen combining with the carbon is obtained b\ 

subtracting the weight of the latter from the weight of the carbon 
dioxide, and the gram-equivalent weight of carbon is then calculated 
as that weight of it which combines with 8 grams of oxygen. 


Expt 13. The equivalent weight of sulphur. 

The equivalent weight of sulphur can be determined by an expert- 
ment v'hich is almost identical to the ptev.ous one About 6 grams 
of powdered sulphur are placed in the middle of the hard glass tube 
which is then plugged at either end w.th dr)- asbestos wool and 
weighed together with the cork and short tube to X, Fig. 9. 
unburnt sulphur may condense in these parts. The apparatus is then 

fitted together as in Fig. 9. 

The sulphur is burnt, like the carbon, by heating it in a slow 
but steady stream of dry oxygen, and the resulting sulphur d j de 

is absorbed in the weighed caustic potash bulbs. When -^“t 
sulphur has been burnt, the tube is allowed to cool in a stream of 

oxygen and is then reweighed to find the wejght ^ 

The asbestos plugs catch most of the sulphur which has vaporised 

F 1 u u liffle of it escapes condensation, 

without being burnt, although a little ot it escap 

even in the potash bulbs, and gives a foggy appearance to the gase, 
• ,u #>vif y Fiff 0 The potash bulbs are reweighed to 

u iht of sdphur is calculated as that weight of it which unites w.th 
8 grams of oxygen. 
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QUESTIONS ON CHAPTER VIII 

I litre of hydrogen at N.T.P. weighs o-o^gram. 

1. Five elements when burnt to their oxides showed an increase in 
weight of respectively: 8%, 25%, 40%, 66^% and z 66 ^%. Cal¬ 
culate their equivalents. 

2. Five metallic oxides when reduced to the metal showed a loss in 

weight of respectively : 7 H%> > 3 i%» 21-^%, 40%- Calculate 

the equivalents of the metals. 

3. When i-o gram of a metal had reacted completely with hydro¬ 

chloric acid, 401 c.c. of hydrogen at n.t.p. were produced. The same 
weight of metal gave 1*43 grams of oxide after complete oxidation. 
From each of these results calculate the equivalents of the metal. Why 
are the values different? (O. and C.S.C.) 

4. 0*336 gram of a metal when dissolved in dilute hydrochloric 

acid gave 115 c.c. of hydrogen at n.t.p. What is the equivalent 
weight of the metal? Describe, with the aid of a diagram, how you 
would carry out an experiment of this kind. (O. and CS.C.) 

5. Describe carefully how you would determine the equivalent 
weights of (a) copper, and {b) carbon. 

If the equivalent of chlorine is 36, what per cent, gain in weight would 
you expect if the elements in question 1 were burnt in chlorine? 

6. What weight of water would be formed by the reduction of 
(a) 100 grams of each of the oxides in question i, and {b) 10 grams of 
the oxides in question 2? 

7. Two oxides a and ^ of a certain metal were heated to constant 
weight in a current of pure hydrogen, and the water obtained in each 
case was weighed. The following results were obtained : 

2*00 grams of a gave 0*2517 gram water, 

1*00 gram of b gave 0*2264 gram water. 

Show that the above results illustrate the law of multiple propor¬ 
tions and calculate the equivalents of the metal. (O. and C.S.C.) 

8. In an experiment 1*39 grams of copper oxide were reduced by 
means of hydrogen, 1*27 grams of copper being left and 0*56 gram of 
water formed. Describe how such an experiment could be carried out, 
stating the precautions that must be taken to ensure accuracy. Use 
the figures given to calculate the composition of water by weight. 

(O. and C.S.C.) 
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g. T\^-o grams of a sample of zinc dust, when acted on by dilute 
sulphuric acid, yielded 640 c.c. of hydrogen. ^ ^ C and 

75 cm. pressure. Calculate the percentage purity of the sample, 'lou 

may assume that no other substance capable of generating hydrogen is 

nzT=6i. I litre of hydrogen at n.t.p. weighs 0-09 gram.] 

Make a labelled sketch of the apparatus which could be used to carry 
ou^his experiment, and point out the precautions 'vh-h must be 

taken to get an accurate result. f • • • / 

10. Explain how the three results given below illustrate a certain 

law, and enunciate that law : r -j 

U) I gram of magnesium when oxidised gives 1-67 pams ; 

W o-H gram of magnesium liberates from an ac.d ,05 c.c. of hy- 

M <.,fg?ams“-'delm L.ed in hydrogen. When reduc- 
” ’ ts complete 4 7^ grams copper remain, while o-ya gram 
nf water has been produced. 

Describe in detail, emphasising important precautions, how you 
wouH clrry out either (i) or (c) of the above experiments. (S.L.C ) 
,i The equivalent or combining weight of mercury may be deter 
• *.4 hv ViMfinp a weiehed amount of mercuric oxide and measuring 
Tr olulne of ofygen evolved on heating, at some given temperature 

and pressure. ^ experiment, pointing 

yield t8^7 C.c. oxygen, at .7“ C. and 7^5 mm. pressure. 

Calculate the equivalent of mercuiT. . (C.W.B.S.C.) 

[1 gram M-g- occup.s i ,,ere dissolved in 

^ an^excess of silver nitrate solution : the resulting 

water and added to ^ 

aT7 grami" Calculate the equivalent weight of the unknown 

metal. 

[Ag = io8. displaced 0-507 gram of copper 

fro'.^-c°o;rer sulpha^^- 

calculate that of magnesium. 
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THE MOLECULAR THEORY 

Gay-Lussac’s law. For reasons which are explained at the end 
of this chapter, Gay-Lussac investigated in 1805 the proportions 
by volume in which hydrogen and oxygen combine together to 
form water. From his experiments he deduced that 

100 volumes of oxygen unite with 199*89 volumes of hydrogen. 
The closeness of these figures to the simple ratio of i : 2 led him 
to investigate the proportion in which other gases combine. He 
was able to show that: 

1 vol. hydrogen + i vol. chlorine =2 vols. hydrogen chloride. 

3 vols. hydrogen +1 vol. nitrogen = 2 vols. ammonia. 

2 vols. nitrogen + i vol. oxygen = 2 vols. nitrous oxide. 

1 vol. nitrogen + i vol. oxygen = 2 vols. nitric oxide. 

2 vols. carbon monoxide + i vol. oxygen = 2 vols. carbon dioxide. 

From these and other experiments he put forward the rule that: 

The volumes of gases entering into or formed by a chemical 
reaction bear a simple numerical relation to one another, when 
measured under the same physical conditions. 

This law is now known as Gay-Lussac*s law of gaseous 
volumes. 

Avogadro’s law. The behaviour of gases on combination is 
quite remarkable, as is also the fact that they have the same 
coefficient of expansion (Charles’ law, p. 33) and the same coeffi¬ 
cient of compression (Boyle’s law, p, 52). Liquids and solids do 
not behave in these simple ways, e.g. there is no simple ratio 

74 
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between the volumes of combining solids or liquids, and neither 
solids nor liquids behave uniformly towards changes of tempera¬ 
ture and pressure. It is clear, therefore, that there must be a 
fundamental difference in the constitution of gases as compared 

with liquids or solids. 

An explanation of the simple properties of gases, and in par¬ 
ticular of Gay-Lussac’s law, was put forward in 1811 by Avogadro, 
who suggested that: 

Equal volumes of all gases contain the same number of mole¬ 
cules, when measured under the same conditions of temperature 


and pressure. 

This statement was formerly called Avogadro’s hypothesis, 
but is now generally known as Avogadro’s law. It provides 
an obvious explanation of Gay-Lussac’s law, as well as ot 
Boyle’s law, if we assume that the pressure of a gas occupying 
a fixed volume at a given temperature is dependent on the 
number rather than on the individual masses of the molecules. 
The applications of Avogadro’s law are of profound importance 
to chemical theory, thus it enables us to: 

{a) Determine the number of atoms in the molecules of gaseous 

elements and compounds. 


(b) Compare the relative masses of molecules. 

(r) Measure the atomic weights of gaseous elements and of 
non-volatile elements, if these form a large number of 


gaseous compounds. 

The determination of the atomicity of 
and the formulae of gaseous compounds. The ^ber 
atoms in the molecule of a gaseous element is « 

uW/y. Dalton considered that the 

element would contain only one atom, but Avogadro s law 

.r.o .h« hyd-ogd.. dtogd., OW" 
m, co..«» ..o .tom, m ih* rt™ '1>» 
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and chlorine unite to give hydrogen chloride, the volumetric 
ratios are : 

I voJ. hydrogen + i vol. chlorine ^ z vols. hydrogen chloride. 

But according to Avogadro’s law equal volumes of all gases 
contain the same number of molecules, when measured under the 
same conditions of temperature and pressure, so the above 
equation may be expressed in molecules: 

n mols. hydrogen + n mols. chlorine — zn mols. hydrogen chloridcy 

where n represents the number of molecules in one volume. 
Dividing both sides of the equation by zn we deduce that: 

mol. hydrogen + i mol. chlorine = i mol. lydrogen chloride. 

Hence a molecule of hydrogen chloride can be obtained by 
the union of half a molecule of hydrogen with half a molecule of 
chlorine ; but since each molecule of hydrogen chloride must 
contain at least one atom of hydrogen and one atom of chlorine, 
it is clear that each molecule of hydrogen and chlorine must con¬ 
tain at least two atoms. Now no reaction is known in which one 
volume of hydrogen or of chlorine yields more than two volumes 
of a hydrogen or chlorine-containing product, i.e. there is no 
reason for thinking that these molecules are ever subdivided more 
than twice, so the natural inference is that they contain two and 
only two atoms in the molecule, namely, Hg and CU. We may 
therefore rewrite the last equation in the form : 

+ JClg = I molecule hydrogen chloride = HC 1 , 
or H2+ Cl2 = 2HCI. 

Avogadro^s law has therefore enabled us to deduce the formulae 
of the molecules of hydrogen, chlorine and hydrogen chloride. 
These formulae are supported by other evidence, e.g. the fact 
that hydrochloric acid is a monobasic acid, which yields salts 
without any residual hydrogen in them, is conclusive evidence 
that its molecule contains only one hydrogen atom. 
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The diatomicity of nitrogen and oxygen may be deduced in 
the same way, e.g. : 

I vol. nitrogen + i vol. oxygen —2 vols. nitric oxide ; 
n mols. nitrogen +« mols. oxygen = 2/; mols. nitric oxide, 
whence mol. nitrogen + I mol. oxygen - 1 mol. nitric o.xide. 

Therefore the molecules of nitrogen and oxygen must contain at 
least two atoms; but no reaction is known in which one volume 
of nitrogen or oxygen yields more than two volumes of a nitrogen 
or oxygen-containing product, i.c. these molecules never appear 
to be subdivided more than twice, and hence are assumed to be 
diatomic, namely, N., and O,. We may therefore rewrite the 

last equation in the form : 

-INa + iOa = I molecule nitric oxide =NO, 

or Na + O2 “ 2NO, 

whence the formula of nitric oxide is deduced to be NO. 

Avonadro’s law has been applied in a similar way to deduce 
the formulae of steam (p. .56), ozone (p. .8 a). carbon monoiode 
(p. 222) and dioxide (p. .96), hydrogen sulphide (P- 291), sulphur 
dioxide (p. 297), ammonia (p. 3^°) nitrous oxide (p. 339 )- 

ATOMIC AND MOLECULAR WEIGHTS 

Definition of atomic and molecular weights. An atom is 
a remarkably small particle, so small m fact that it will never be 
possible to view it under a microscope, ^hus >f an atom of 
oxygen could be magnified to the size of a golf ball the latter 
under the same magnification would be roughly equal in size to 
the earth. An even better illustration of the minuteness of atoms 
is provided by this calculation: it would take the eight million 
inhabitants of greater London considerably more than .0 000 
years to count the number of carbon atoms m a tiny speck of 

soot weighing one milligram. 
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In view of the minuteness of atoms it would be ridiculous to 
express their weights in terms of grams or milligrams. Instead, 
the weight of the hydrogen atom, the lightest atom, was taken 
as the unit * for atomic weights, so that the atomic weight of an 
element was defined as: 

The number of times its atom is heavier than the hydrogen 
atom. 

This may be expressed in the form of an equation : 

^ Wt. of one Atom of the Element 

Atomic Weight -r-ri- 

Wt. of one Atom of Hydrogen 

When, therefore, we say that the atomic weight of nitrogen is 14, 
we mean that its atom is 14 times as heavy as one atom of 
hydrogen. 

Now the weight of a molecule is the sum of the weights of its 
constituent atoms, so that it is immediately obvious from the 
above definition of atomic weight that the molecular weight of 
an element or compound is: 

The number of times its molecule is heavier than one atom 
of hydrogen. 

Hence, when we say that the molecular weight of nitrogen is 28, 
we mean that its molecule is 28 times as heavy as one atom of 
hydrogen. 

In the following sections a detailed account is given of how 
Avogadro’s law has been applied to the deduction of molecular 
weights and atomic weights. The value of these applications 
cannot be over-emphasised, since without them it would be im¬ 
possible to decide with certainty on the correct formulae of com¬ 
pounds ; and as we shall see later (p. 95), the non-recognition 
of Avogadro*s law until i860 led to confusion worse confounded, 
so much so that chemists nearly abandoned the idea of represent¬ 
ing organic compounds by formulae. 

* When revising, read p. 96. 
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The deduction of molecular weights from vapour densities. 
Since gases are very light, it is customary to express their Vapour 
DENSITIES in grams per litre rather than in grams per c.c. 
Alternatively, their densities may be expressed relative to hydro¬ 
gen, which is the least dense of all gases. This ratio, which is 
called the Relating vapour density, may be expressed by the 
equation : 

Relative vapour density 

wt. of a certain vol. of the given gas 

wt. of same vol. hydrogen measured at same 
temperature and pressure 

Applying Avogadro’s law we may rewrite this equation in terms 
of molecules: 

„ , n>t. of n moUcules of the sas 

Kelatwe vapour density = --—4 -—7—77—7- 

^ wt. of n molecules oj hydrogen 

wt. of one molecule of the gas 

wt. of one molecule of hydrogen 

But we have already shown that the hydrogen molecule con¬ 
tains two atoms, hence : 

, , . wt. of one molecule of the gas 

Kelatwe vapour density — ——77-:- /■ , , -• 

^ wt. of two atoms oj hydrogen 

, , wt. of one molecule of the substance 

But molecular wt. =-—7---tt-j-; 

wt. oj one atom oj hydrogen 

and hence : 

Molecular weight = relative vapour density x a. 

Avogadro’s law, therefore, enables us to deduce the molecular 
weight of any element or compound whose vapour density can 
be measured, so the following paragraphs give a description of 
some of the methods that can be employed for the determination 
of vapour densities. 


D 


c.c.: 
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The determination of the vapour density of a gas. The 
vapour density of a gas can be measured by weighing an evacuated 
globe of known capacity, and then weighing it when filled with 
the gas at a known temperature and pressure. In this way it is 
possible to calculate the weight of one litre of the gas at s.t.p., 
and thence to deduce its relative vapour density from the 
equation : 

wt. of I litre of gas at S.T.P. 

Relative vapour density 

where 0-09 represents the weight in grams of one litre of hydro¬ 
gen at S.T.P. 

This method is not suitable for ordinary laboratory work, 
because the evacuation of the globe requires an extremely good 
pump ; instead modifications of the method can be employed as 
in Expts. 14, 15 ^rtd 16, pp. 96-99. 

Indirect measurements of vapour densities by diffusion. 
The vapour density of a gas may be measured indirectly by mak¬ 
ing use of Graham’s Law of gaseous diffusion, which states that: 

The rate at which a gas diffuses is inversely proportional to the 
square root of its vapour density. 

The fact that gases diffuse when they are released in the air is 
obvious to anyone who has worked in a laboratory, for the in¬ 
judicious preparation of hydrogen sulphide, or of any other dis¬ 
tinctive smelling gas, is quickly obvious to all the occupants of 
a laboratory. Diffusion is due to the fact that the molecules of 
gases arc always moving at random, so that they eventually fill 
any confined space, however large that may be. 

A qualitative demonstration of Graham’s law can be given by 
means of the apparatus depicted in Fig. 10. If a gas jar of 
hydrogen is placed over the porous pot, the level of the liquid 
falls in the left-hand limb and rises in the right-hand limb. When 
the jar is removed, the reverse change takes place and the liquid 
rises, temporarily, to a greater height in the left-hand limb. The 
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explanation of this is that hydrogen is much less dense than 
air, and so diffuses much more rapidly than the latter. Hence 
when the jar of hydrogen is placed over A, hydrogen diffuses 
into .^4 at a greater rate than air diffuses out of it, and the 
resulting increase of pressure pushes the liquid into the right-hand 
limb. When the jar is removed, the hydrogen diffuses more 
rapidly out of the pot than the air enters, so there is a diminution of 
pressure inside the pot; this is shown by the liquid rising in the 



left-hand limb to a greater height than the Uquid in the right-hand 
limb. Eventually, of course, the Uquid returns to the same level 

in both limbs. 

The converse of the above effects is produced when the porous 
pot, B, is immersed in and then withdrawn from a jar of carbon 
dioxide, since the latter gas is considerably denser than air and 

therefore diffuses less rapidly. , . ■ 

A rough determination of the relative vapour densities of 

oxygen, nitrogen and air is described in Expt. 17. 
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Gram-molecular weight and gram-molecular volume. 
When molecular weights are expressed in grams they are des¬ 
cribed as gram-molecular weights, and the volume occupied by 
these weights is called the gram-molecular volume. Thus the 
gram-molecular weight of hydrogen. Hg, is 2 grams, and at 
N.T.p. this mass occupies a volume of 22-4 litres. It should be 
immediately obvious from Avogadro’s law that all gases have 
the same gram-molecular volume, when measured under the 
same conditions of temperature and pressure. For example : 

If the absolute weight of a hydrogen molecule is zx grams, 
then the absolute weight of a nitrogen molecule is zSx grams. 

Hence: one gram-molecular weight of hydrogen (2 grams) 
contains 2/2X = i/x molecules, and one gram-molecular weight of 
nitrogen (28 grams) contains 28/28^= i/.v molecules. 

Since the gram-molecular weights of hydrogen and nitrogen 
contain the same number of molecules, the volumes, according 

to Avogadro’s law, must be the same. 

Accuracy of the gas laws. Charles* law and Boyle s law are 
only obeyed strictly when a gas is under a very small pressure 
and at a temperature which is far removed from its liquefaction 
point. For example, even the “ permanent *’ gases like hydrogen, 
oxygen and nitrogen show small deviations from these laws at 
atmospheric temperatures and pressures. It follows, therefore, 
that Avogadro’s law and Gay-Lussac’s law are only rigidly exact 
at low pressures and at temperatures far removed from the 
liquefaction point. For this reason the gram-molecular volumes 
of gases at n.t.p. are not quite identical, though they are nearly 
the same, as can be seen from the following list: 

Gram-molecular volume of hydrogen =22'43 litres. 

„ » » oxygen =22-39 „ 

„ » » nitrogen =22-40 ,. 

„ „ „ carbon monoxide = 22-44 „ 
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Relationship of equivalent weights to atomic weights. 

Since atoms unite in simple numerical ratios, there must be some 
simple connection between the equivalent weight and the atomic 
weight of an element. For example, suppose that one atom of 
hydrogen unites with one atom of an element X of atomic weight 
X units : 



then the weight of X combining with unit weight of hydrogen 
=x units = equivalent weight of X=atomic weight of X. 
Hence the atomic weight of X is the sawe as its equivalent 
weight. If, however, one atom of X combines with 2 atoms of 
hydrogen, then : 



Wt. of X combining with i unit weight of hydrogen 

X atomic wt. of X 

= equivalent wt. =— umts =- - -> 

i.e. the atomic weight of X is fwice its equivalent weight. 

If one atom of X combines with three atoms of hydrogen, 
then the equivalent weight of X is one-third of its atomic weight, 
and so on. 
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The connection between the atomic weight of an element and 
its equivalent weight is usually expressed by the equation ; 

Atomic weight = Equivalent weight x Valency. 

The valency of an element may therefore be defined as the 
number of equivalents in the atom, or, alternatively, as the number 
of hydrogen atoms which one atom of the element can combine 
with or displace. Thus chlorine is said to be momvaimt because 
Its atom can combine with or displace one atom of hydropn, 
oxygen divalent or bivalent because its atom can combine with or 
displace two atoms of hydrogen, whilst aluminium is tnvahnt 
and carbon tetravaknt because they can replace three and four 

atoms of hydrogen respectively. 

Determination of atomic weights. The equivalent weigh 
of an clement is easily measured, as we have seen in an earlier 
chapter, but there would not seem to be any obvious method ot 
deducing the atomic weight from the equivalent weight. Thus, 
since 8 grams of oxygen combine with i gram of hydrogen to 
form water, the oxygen atom is 8 times as hea\7 as the hydrogen 
atom if water is formed by the union of one atom of hydrogen 
with atom of oxygen. But, if tn o atoms of hydrogen com¬ 
bine with one atom of oxygen, it is clear that one atom of oxygen 
is 8 times as heavy as two atoms of hydrogen, i.e. its atomic weight 
is 16. This problem appeared to be insoluble in the early days 
of the atomic theory, but Avogadro’s law supplied the missing 
link, and by this and other means it is possible to obtain a rough 
value for the atomic weight of an element, and hence to deduce 

its exact atomic weight from its equivalent weight. 

The procedure in determining atomic weights is therefore as 

follows : 

(i) The exact equivalent weight of the element is first measured. 

(ii) The rough atomic weight is then obtained by as many as 

possible of the methods described below. 
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(iii) The rough atomic weight is divided by the equivalent 
weight to give the rough valency ; but the valency is 
always a whole number, so the nearest whole number 
to this answer is taken as the exact valency, whence : 

Exact atomic weight = Exact equivalent weight x Valency. 

The rough atomic weight of an element can be measured by 
one or more of the following methods: 

{a) Avogadro’s method.—This method can be applied to gas¬ 
eous or volatile elements. The vapour density is measured and 
multiplied by two to give the molecular weight of the element. 
The atomicity is then deduced by studying the reactions of the 
gas, just as the atomicities of hydrogen and chlorine, etc., were 
deduced on p. 76. Whence : 

Molecular weight 
Atomicity 

As an illustration of this method let us consider the case of 
chlorine. Its vapour density relative to hydrogen is 55-5, and 
hence its molecular weight is 71 ; but the molecule of chlorine 
contains two atoms (see p. 76), so that its rough atomic weight 
is Since the exact equivalent weight of chlorine is 

3J*457> if is clear that this is also its exact atomic weight. 

{h) Cannizzaro’s method.—It is obvious that the atomic weights 
of non-volaule elements cannot be determined by the above 
method. Cannizzaro, however, showed that Avogadro’s law 
could be utilised to deduce the atomic weights of even non¬ 
volatile elements, provided that they formed a large number of 
gaseous or volatile compounds. Thus it is reasonable to suppose that 
at least one of the known compounds of a given element will have 
a molecule which contains only one atom of that element, hence; 

The atomic weight of the element will be the smaUest weight 
of it which is found in the molecular weight of any of its com¬ 
pounds. 
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This method therefore depends on determining the molecular 
weights and compositions of a largt number of the compounds 
of the element. The weight of the element present in the mole¬ 
cular weight of each compound is calculated, and the smaUest of 
these quantities is taken as the atomic weight of the element. The 
application of this method to carbon may be illustrated by the 

following table: 

Molecular Percentage Weight of carbon 

Compound weieht of carbon per molecule 


Percentage 
of carbon 


28 

42*9 

44 

27-5 

119*5 

10*0 

16 

75*0 

28 

85-7 

26 

92-5 

78 

92-5 


Compound 

Carbon monoxide 

Carbon dioxide • 

Chloroform 

Methane 

Ethylene 

Acetylene - 

Benzene 


The smallest weight of carbon in the molecular weight of the 
above compounds is 12, and since this is also the smallest weight 
ever found in any carbon compound it is assumed to be the 
atomic weight. 

(c) Duiong and Petit’s method.—The two methods described 
above are not usually available for determining the atomic weights 
of metallic elements, since these are nearly all difficult to 
vaporise and form very few volatile compounds, e.g. in the case 
of iron we have the following data : 


Compound 

Molecular 

weight 

Weight of iron in 
Molccxilar weight 

Ferrous chloride 


125*6 

56 (about) 

Ferric chloride - 

• 

332*2 

112 „ 

Iron carbonyl 


199*0 

56 » 



This table suggests that the atomic weight of iron is probably 5 6 ; 
but the total number of volatile compounds is too small to ex¬ 
clude a risk that other compounds might be found to contain a 
smaller weight of iron, e.g. 28 parts. For this reason the atomic 
weights of the metals arc usually determined by means of Dulong 
and Petit’s Law of Atomic Heats (1819), which states that: 

The atoms o£ all simple substances have the same capacity for 
heat. 

Thus Table 2 shows that the atomic weight of an element, 
multiplied by its specific heat, gives an approximate constant of 
6-3 ; this is known as the Atomic Heat of the element. Dulong 
and Petit’s law may therefore be written in the algebraic form : 

Atomic weight x Specific heat = Atomic heat = 6.3 (approx.) 


Table 2. The Atomic Heats of Metals 


Element 

Atomic weight 

1 Specific heat 

Atomic heat 

Iron - 



55.8 

0-1146 

6-4 

Tin - 

• 

- 

119 

0-05 56 

6-6 

Lead - 

• 


207 

0-031 

6-4 

Copper 

- 

• 

63-6 

0-0936 

6-0 

Silver - 

• 

- 

108 

0*0556 

6-1 

Gold - 

• 

- 

197 

o*03i6 

6*2 


Mean =6*3 


An approximate value for the atomic weight of an element 
can therefore be obtained by dividing its specific heat into 6-3. 

For example : heat of aluminium = 0-217. 

. . 6-5 

approximate atomic weight of alumiruum = = 29. 

But its exact equivalent weight is 8-990, hence : 

29 

The valency of aluminium — “ 5 * 

the exact atomic weight of aluminium = 8-990 x 3 = 26-97. 
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Dulong and Petit’s law is obeyed by most metals and some 
non-metals at atmospheric temperatures, but it cannot be applied 
to elements which arc in the liquid or gaseous states, nor can it 
be applied to any element at very low temperatures. 

FORMULAE 

Empirical and molecular formulae. If the percentage com¬ 
position of a compound is known it is possible to calculate its 
empirical formula, i.e. the formula which gives the simplest 
ratios in which the atoms occur in the molecule, in contrast to 
the molecular formula which gives the actual numbers of each 
atom present in the molecule. Thus the composition of ben2ene 

by weight is: 

92-5% carbon and 77% hydrogen. 

If we divide each of these figures by the weights of the respective 
atoms, namely, 12 and i, we get the ratios in which the atoms 
occur in the benzene molecule : 

92-3vI2=77» 

7 * 7 ^ 1 = 7 * 7 , 

i.e. the ratio of the number of carbon atoms to the number of 
hydrogen atoms in a molecule of benzene is : 77 ; 77, or more 
simply 1:1. 

The empirical or simplest formula for benzene is therefore : 

CH. 

The molecular formula will either be the same or some mul¬ 
tiple of the empirical formula, and can be deduced by finding 
the molecular weight. Since benzene is a volatile liquid its 
relative vapour density can be determined (see Part II, p. 527), 
when a value of about 40 is obtained, so that its approximate 
molecular weight is 40x2=80. Now the empirical formula, 
CH, has a weight of 12-1-1=13, which is roughly one-sixth of 
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the approximate molecular weight; so that the molecular 
formula for benzene is deduced to be : 

QH«. 

As a further illustration of the calculation of the empirical and 
molecular formulae of a compound we may consider sodium 
sulphate, which contains 32*40^0 of sodium, 22*53% of sulphur 
and 45*07% of oxygen, and has a molecular weight of 142. 



Sodium. 

Sulphur. 

Oxygen. 

% of elements 

32*40 

22*53 

45*07 

Atomic proportions 

0 

11 

22*53 _ 

52 

,04 = 

or 

2 

I 

4 


The figures in the last line have been obtained by dividing the 
smallest proportion, viz. *704, into the others. If this had not 
given simple whole numbers, it would have been necessarj' to 
multiply the ratios by the smallest number which would convert 
them into whole numbers. Thus, if the ratios had been i, 2*33 
and 1*67, they would have been multiplied by 3 to give 3:7:5. 

From the above figures the empirical formula for sodium sul¬ 
phate is therefore Na2S04, and this is also the molecular formula, 
because its weight is 23 x 2 + 52 + 16 x 4-142 =the molecular 

weight. 

Limitations of chemical equations. In view of what has 
been said in previous paragraphs, it is now appropriate to con¬ 
sider in some detail the uses and limitations of a chemical equation. 

Thus, the equation 

Zn + H2SO4 = ZnS04 + H2 

tells us that: 

0 /je atom of\inc reacts with one molecule of sulphuric acid to give one 

molecule of ^inc sulphate and one molecule of hydrogen. 

And if the atomic weights of the elements are known, viz.: 

Zn = 6 s; H = i ; 3 = 32; 0 = i6; 



90 


AN INTRODUCTION TO CHEMISTRY 

wc can deduce the relative proportions by weight of the reactants 
and their products, viz. 

65 units might of lafnc react with 98 units weight of sulphuric aad 
= I X 2+ 32 + 16 x4 = 98) to give 161 units weight of ^inc 
sulphate (Z»JO, = 65 + 52 + i 6 x 4 = i6>) ond /»"> 
hydrogen. 

But the equation does not tell us : 

(rf) Under what conditions the reaction takes place; for 
example, whether dilute or concentrated sulphuric acid is 
required, and whether heating is necessary. 

(/?) Whether the reaction is slow or rapid. 

(c) Whether there is any heat change. 

{d) The condition of the products ; i.e. whether they are solids, 
liquids or gases. In this connection it is worth noting that 
arrows are sometimes used to represent the formation of a gas 
or precipitate. Thus the liberation of a gas or vapour is some¬ 
times indicated by using an arrow pointing upwards : 

Zn + H2S0, = ZnS 04 +H 2 t, 

whilst the formation of a solid precipitate is denoted by an arrow 
pointing downwards, as when calcium carbonate is precipitated 
by the action of carbon dioxide on lime water: 

Ca(0H)2 + CO 2 =CaCOj \ + Hfi. 

PROBLEMS 

1. An oxide of nitrogen contains 30*4 per cent, of nitrogen. Jf a molecule 
of the gas contains one atom of nitrogen only, calculate its moleadar weight and 
hence its vapour density. (O. and C.S.C. 1955 *) 

[N = 14; 0 = 16.] 

The figures in square brackets represent the atomic weights of 
nitrogen and oxygen. It is clear from the above data that one mole¬ 
cular weight of the oxide contains 14 parts of nitrogen, and that since 
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this weight represents 3o-4°y of the weight of the whole molecule, the 
latter weighs : 


14 X 100 
30-4 


= 46*0 = molecular weight. 


But vapour density = 


molecular weight 46-0 


= 23 


Hence the above oxide has a molecular weight of 46 and a vapour 
density of 23. 

2. Three litres of a mixture of nitrous and nitric oxides were passed over 
red-hot copper, and 2-2 litres of nitrogen collected. Calculate the composition 
of the mixture. (O. and C.S.C.) 

The following changes occur when nitrous and nitric oxides are 
passed over red-hot copper: 

N2O + Cu = N2 + CuO, 

2NO + zCu = Nj + aCuO. 

Applying Avogadro’s law (p. 75) to the above equations we can 
deduce that one volume of nitrous oxide gives one volume of nitrogen, 
but that one volume of nitric oxide gives only half a volume of nitrogen. 

Let x = volume in litres of nitrous oxide in 3 litres of the above 
mixture. 

Then 3 - at = volume in litres of nitric oxide in 3 litres of the above 
mixture. 

On reduction with copper these volumes will yield : 


X + -—- litres of nitrogen = 2-2 litres (according to data). 


Multiplying both sides of this equation by two gives : 

2x + 3 - x = 4'4. 

X = I ’4 = volume in litres of nitrous oxide. 

Hence volume of nitric oxide = 3 - 1*4 = i‘6 litres. 

Three litres of the mixture therefore contains 1-4 litres of nitrous 
oxide and 1-6 litres of nitric oxide. 
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2 4 metal M forms hio chlorides containing 5 V 9 

chlorine. The specific heat of M is o-12. Calculate the equivalent might and 
the valency of M in each chloride, and suggest formulae for the two chlorides. 

W'^hat is the probable atomic weight of M? (Cl = 5 5 ‘ 5 -1 

First c hloride. 

55*9 parts of chlorine unite with 100-55-9 = 44'* parts metal. 

. V . , 44-1 X 35-5 

/. 55-5 parts of chlorine ( =equiv. wt. chlorine) umtes with 

parts metal 

_ 28-0 = equivalent weight of metal in first chloride. 

Se cond chloride. 

65-5 parts of chlorine unite with 100-65-5 = 54'5 P^*^*s metal. 

55-5 parts of chlorine unite with 65-5^ ~ 

_ jg.y — equivalent weight of metal in second chloride. 

Atomic weight of metal. 

According to Dulong and Petit’s law (p. 87): 

Atomic weight x Specific heat = 6-5 approx. 

6*5 

Atomic weight of metal - = 5 j approx. 

But the exact atomic weight of any element is its equivalent weight 
multiplied by that whole number which most nearly gives the approxi¬ 
mate atomic weight, hence the atomic weight of Af is: 

28-0x2 = 56-0 or 18-7x5 = 56-1. 

The metal is therefore divalent in the first chloride and trivalent in 
the second chloride, the respective formulae being : 

MClg and MCI3. 

The slight difference in the value of the two atomic weights is due 
to the fact that the percentage compositions are only given to three 
significant figures. It should also be noted that there are a number of 
exceptions to Dulong and Petit’s law, and that therefore the atomic 
weight and formulae deduced above are only probable ones. Even if 
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the atomic weight is correct, it is always possible that the for¬ 
mulae of the chlorides are M2CI4 and M2CIC > conclusive 

evidence on this point could be obtained by measuring their mole¬ 
cular weights. 

4. 0*876 gram of a hydrated salt n-as heated until water of crystallisation 
was completely removed with a loss of weight of 0*452 gram. The molecular 
weight of the anhydrous salt was in. How many molecules of water were 

combined with i molecule of the anhydrous salt t [H = 1 ; O = 16.] 

(O. and C.S.(^) 

Weight of anhydrous salt in 0*876 gram of the hydrate is: 

0*876 -0*452 =0*444 gram. 

Hence if 0*444 gm. anhydrous salt can unite with 0*452 gm. water, 
then 111 gm. anhydrous salt ( = mol. wt.) can unite with 


0*452 XIII 
0*444 


= 108 grams water 


But the gram-molecular weight of water, HgO, is 2 + 16 = 18 grams, 
number of molecules of water of crystallisation in one molecular 
weight of the hydrate is : 

•i = 6. 


HISTORICAL NOTES 

In 1804 the German naturalist and explorer, von Humboldt, asked 
Gay-Lussac to help him in the analysis of several specimens of air, 
which he had collected from different parts of the world with the 
idea of finding whether there was any variation in the composition 

of air. 

The percentage of oxygen was estimated by mixing the air with an 
excess of hydrogen and sparking j when one-third of the contraction 
would represent oxygen, since Cavendish had shown that 1*00 c.c. of 
oxygen unites with 2*01 c.c. of hydrogen to form water of negligible 
volume. Gay-Lussac, however, decided to determine this ratio for 
himself and obtained the figures : 

100 parts of oxygen : 199*89 parts of hydrogen. 
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The closeness of these figures to the simple ratio, i : 2, led him to 
investigate the volumetric composition of other gases, and thence to 
his discovery of the Law of Gaseous Volumes, 1808. 

Gay-Lussac’s measurements provided excellent illustrations of the 
laws of constant and multiple proportions. Thus the latter law is 
illustrated by the volumetric compositions of the oxides of nitrogen, 
viz. : 

Nitrous oxide - - 100 vols. nitrogen : 50 vols. oxygen. 

Nitric oxide - - 100 vols. nitrogen : 100 vols. oxygen. 

Nitrogen peroxide - 100 vols. nitrogen : 200 vols. oxygen. 

The volumes of oxygen which combine with a fixed volume of 

nitrogen are therefore in the ratio i : 2 : 4, so it is not surprising that 
Gay-Lussac considered that his law of volumes supported Dalton’s 
atomic theory. Dalton, however, refused to recognise the validity of 
the law because he thought that it could only be explained by suppos¬ 
ing that equal volumes of gases contained the same number of particles 
(molecules), and this theory he had already tested and abandoned. 
Thus it was known that one volume of nitrogen united with one 
volume of oxygen to form two volumes of nitric oxide. Now Dalton 
considered that the particles, i.e. molecules, of oxygen were single 
atoms, so that, on the theory of equal spacing of gaseous particles, 
these atoms would have to be divided into two halves when they 
united to form nitric oxide, as shown by the scheme : 
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01 1 Cl Cl 
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This conclusion was, of course, contrary to his atomic theory, so 
Dalton discarded the theory of equal spacing of gaseous particles. 

The theory that “ equal volumes of gases contain the same 
number of molecules, when measured under the same conditions of 
temperature and pressure ”, was revived in 1811 by the Italian phy- 
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sicist, Avogadro. He got over Dalton’s difficulty by suggesting that 
the molecules of elementary gases might contain two or more atoms. 
Thus, if nitrogen and oxygen are diatomic, it is easy to interpret the 
volumetric composition of nitric oxide i 


+ 

Nitrogen 
I vot. 




Oxygen Nitric oxide 

I airti 2 VOlSi 


Avogadro used his hypothesis to deduce molecular weights from 
vapour densities, as well as for the deduction of the formulae of water, 
hydrogen chloride, etc., which hitherto had been a matter of pure 
guess-work. Unfortunately he attempted to deduce the formulae of 
non-volatile substances, such as the oxides and salts of metals, and 
was forced, like Dalton, to rely on mere guess-work. These specula¬ 
tions may have been responsible for the fact that his work on gaseous 
elements and compounds was neglected by his contemporaries, and 
its importance not realised for nearly 50 years. The result was that 
there was great confusion as to the correct atomic weights of elements 
and the true molecular formulae of compounds. Thus Dalton sup¬ 
posed that the water molecule contained one atom of hydrogen and 
one atom of oxygen, namely HO. This meant that the atomic weight 
of oxygen was 8. On the other hand. Berzelius concluded that the 
formula must be H.O, because two volumes of hydrogen combined 
with one of oxygen." This formula was generally accepted, and hence 
the atomic weight of oxygen was given as 16. Berzelius predicted 
many other correct atomic weights, but his values were not always 
recognised ; for example, his atomic weight for carbon was 12, but 
other values such as 6 were used. Added to the difficulty of atomic 
weights was the fact that there was no certain means of detcrmirung 
molecular weights. It is not surprising, therefore, that in the first 
half of the nineteenth century there was great confusion as to the 
correct formulae of organic compounds. It was actually considered 
a sign of independence to have one’s own set of formulae, and even 
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as late as i86i Kekule recorded 19 rival formulae for acetic acid! 

In December, 1860, an international meeting of scientists was held 
at Karlsruhe in the hope of the adoption of a uniform system of 
atomic weights and formulae, but, as in our modern pohucal confer¬ 
ences, no agreement was reached, except that each chemist should 
continue to use whatever system he preferred! However, at the end 
of the conference, Qnnizzaro distributed a pamphlet on Avogadro’s 
hypothesis. On reading it, bother Meyer said, “ the scales fell from 
my eyes, doubts vanished, and the feeling of calm certainty came in 
their place.” The adoption of Avogadro’s hypothesis quickly fol¬ 
lowed, and with it came our modern atomic weights and formulae. 

In conclusion, mention may be made of the fact that oxygen is now 
given the arbitrary atomic weight of 16, and all other atomic weights 
are based on this figure, that is : 

weight of one atom of given element ^ 

Atomic weight = oxygeiT" ' 

On this standard the atomic weight of hydrogen becomes i-oo8i 
and its molecular weight 2-0162 ; and all other atomic weights and 
molecular weights arc similarly increased. The main justification for 
this change is that equivalent weights, and hence atomic weights, are 
usually measured against oxygen, so that the conversion to the hy¬ 
drogen standard involves knowing the hydrogen-oxygen ratio. The 
old hydrogen standard for atomic weights has been given in the earlier 
part of this chapter because it is more easily understood and is suffi¬ 
ciently accurate for our purposes. 

EXPERIMENTS 

Expt. 14. The determination of the vapour density of air. 

Place about 30-40 c.c, of water in a round-bottomed flask of about 
230 c.c. capacity, provided with a rubber stopper, glass tube, rubber 
tube and clip, as in Fig. 11. Insert the stopper, leaving the clip open, 
and boil vigorously over wire gauze for 5 minutes. Then take away the 
flame and immediately close the clip on the rubber tube. When the 
flask is cold, suspend it on the balance and weigh carefully. Open the 
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clip for a few seconds, when air will rush in to take the place of the con¬ 
densed vapour ; then weigh again. The increase in weight gives the 
weight of air which has entered the flask. Take the temperature of the 
water in the flask and measure its volume. The volume of the air which 
has entered is obtained by subtracting tlus volume from the total 
volume of the flask. Read the barometer. The pressure of the air in 
the flask is given by the height of the barometer, minus the vapour- 
pressure of the water. The weight of a known volume of air at a known 
temperature and pressure has thus been obtained. Hence calculate the 
weight of I litre of air at o° C. and 760 mm. pressure. 


Expt. 15. To determine the density of carbon dioxide. 

Fit a dry flat-bottomed flask of 500 c.c. capacity with a rubber 
stopper carr>'ing Uvo right-angle tubes, one reaching to the bottom of 
the flask, and the other ending flush with the stopper, as in Fig. 12. 



Fio. 11. Apparatus for measuring 
the density of air. 



Fig. 12. Flask for measuring 
density of gases. 


Attach short pieces of rubber tubing to the ends o the glass tubes and 
close them udth clips. Now weigh the flask full of tut. noting the 
temperature and pressure. Then displace the air with dry carbon 
dimdde by attaching the longer tube to a K.pps apparams cont^mng 
marble and hydrochloric acid. The flask can be judged » beJufl of 

carbon diottide when about two litres of gas ^ 

the globe. The displaced gas is easily measured by coUecUng it tn gas 

jars over water. Weigh the globe and then deternune its “PP™“ 
volume by filUng it with water and weighing it on scales wiU be 
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too heavy to weigh on a balance. Calculate the vapour density of 

carbon dioxide as follows : 

Weight of globe full of water = 540 grams. 

Weight of globe full of ai r = 40-072 grams. 

Weight of water _ =500 gram s (approx.). 

approximate capacity of globe = 500 c.c. 

Temperature = 17®. Pressure = 75° ^m. 

/. volume of air at s.t.p. = 500 x x = 4^5 

Weight of I litre of air at s.t.p. = 1-29 grams. 

1*20X465 ^ 

/, weight of air in globe = —— =o-6oo gram. 

Hence weight of empty globe = 40-072 - o*6oo = 59-472 grams, (i) 

Weight of globe full of carbon dioxide = . grams. (2) 

weight of carbon dioxide =(2) -(i) grams, 

lOOOX 

Hence i litre of carbon dioxide weighs grams. 

,• • 1 lOOOX 

Relative vapour density of carbon dioxide xo-o9 

Expt. 16. To measure the vapour density of oxygen. 

The vapour density of oxygen can be measured conveniently by 
fitting up an apparatus similar to that in Fig. 8, p. 67, except that the 
flask is replaced by a hard glass test tube.* Heat the test tube so that 
it is quite dr)', then place in it a few grams of potassium chlorate and 
a plug of dry asbestos wool so that no solid will be lost by spitting 
when the tube is heated. Weigh the tube and its contents, then attach 
to the apparatus as in Fig. 8. Heat the test tube cautiously at the 
start to avoid cracking it, and then fairly strongly until most of the 
water has been driven out of the flask. Before measuring the water 
level be sure to see that the test-tube has cooled to room temperature, 
otherwise the volume of water displaced by the oxygen will be too 
large. The loss in weight of the tube represents the weight of the 
oxygen, so that the weight of 1 litre of this gas at n.t.p. may be calcu¬ 
lated and hence its relative density. 

* The water used in flask B should be almost saturated with oxygen; 
why? 
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EXPERIMENTS ON DIFFUSION 

Expt. 17. Relative densities of oxygen, nitrogen and air by 
diffusion. 

A glass tube, 70 cm. long and 1 cm. wide 
(Fig. 15), is sealed at one end with a thin plug 
of plaster of Paris, which acts as a porous dia¬ 
phragm when dr)’. Three rubber bands, a, h, c, 
are placed round the tube, which is then filled 
with l^'drogen and immersed to in a glass jar of 
water. The time, taken for the water to 

rise inside this tube from r to is noted. The 
experiment is repeated with oxygen and with air, 
and in each case the time taken for the same 
volume of gas to diffuse through the same plug 
under the same excess of pressure is measured. 

The relative densities are calculated thus 1 


Ll 






oxygen 


I2i 

Th,’ 


etc. 


Fig. 15. Apparatus 
for measuring relative 
vapour densities by 
diffusion. 


QUESTIONS ON CHAPTER IX 

I. W How many c.c. of steam, hydrogen chloride, ammonia and 

hvdroeen sulphide would be obtained by the combmation of jo c.c. 

orhydfogen S(i) oxygen, (r.) chlorine, (m) f-g- 

(aU voluLs being measured at too C. and 760 _ 

(h) What volumes of oxygen would ° 

of hvdroeen (ii) carbon monoxide, (m) ammonia (to niiroge 

walirn ®methani. CH.. (to carbon dtoxide and -ter .(v) hydrogen 

chloril (to water and chlorine), (vi) hydrogen sulphide (to water 

sulphur dioxide), (vii) nitrogen to nitric oxide. 

a. State the following : (u) Avogadro’s hyothesis. (^) the W o 
combining volumes, (r) the law of Dulong and Petit. O-M-B-S-C.) 

a State the law which gives the relation between the volumes of 
3. Mate the law 6 , three examples. In one 

gases taking part m a ^ ^ compound 

case only, show how carefully between experi- 

from its volume composition, disunguis g j (O.S.C.) 

mental fact and assumption. 
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4 State Avogadro’s hypothesis. Shosv how it is used to prove 
(„) t1iat the molecule of oxygen contains two atoms (i) that 'he mo e- 
cular weight of a gas is equal to twice its relauve density. (O.S.C.) 

< W hat is the relation between the molecular weight of a gas and 
Its Insitv relative to hydrogen? Explain why this mlation e^sts 
How IS it put to practical use? (O. and C.S.L.) 

6. State clearly the reasoning which has led to the conclusion that 
the molecule of chlorine consists of two atoms. 

7. VC'hat is the relation between molecular weight and vapour 

density, and how do you account for it? - , , 

At atmospheric pressure and C. 50 c.c. of phosphorus vapour 

weigh 0-093 gram. W'hat is the molecular weight of ^ ^ 

8. W'hat is meant by the terms vapour dtushy, molecular weight^ 

Describe a method for finding the molecular weight of a gas such as 

(O. and C.b.C.) 

nitrogen. r u 1 

0. 'rhe oxide of an element contains 55*0 per cent, ot the element 

and the vapour density of the chloride of the element is 66. Calculate 

(a) the atomic weight, (t) the valency of the element. Point out clearly 

what assumptions are made in the course of the calculations. (L.M.) 

10. What is meant by the diffusion of gases? Describe an experi¬ 

mental method of roughly ascertaining the relative rates of diffusion ot 
two gases, say hydrogen and oxygen. The relative rate of ^ffusion 
of a gas as compared with carbon dioxide is as 27 is to 29. Calculate 
the molecular weight of the gas. [C = 12, 0 = 16.] (L.M.) 

11. State Graham’s Law of Diffusion of gases, and describe any 

experiments you have witnessed relating to diffusion of gase^ In 
30 seconds 300 c.c. of oxygen diffuse through a porous plate. How 
long will it take 500 c.c. of chlorine to diffuse through the same plate? 
Take the molecular weights of oxygen and chlorine as 32 and 72 
respectively. (L.G.S.) 

12. On dissolving o-1 gram ofa metal in hydrochloric acid, 138*3 c.c. 

of hydrogen at 15® C. and 720 mm. was evolved. Calculate the equi¬ 
valent of the metal. The chloride of the metal was found to possep a 
vapour density of 66*6 (H = i) and contained 79-8 per cent, of chlorine. 
Calculate the atomic weight and valency of the metal. (L.M.) 

13. The chloride of an element, M, contains 37*32 per cent, of 
chlorine and its vapour density is 190. The specific heat of the element 
is 0-0276. Find the atomic weight of the element and the formula of 
the chloride. 
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QUESTIONS 

14. By completely reducing 07440 gram of a metallic oxide by 
heating it in a current of hydrogen, 0-6907 gram of a metal was 
obtained. The specific heat of the metal was found to be 0-051. 
Calculate {a) the equivalent weight of the metal, and {h) its atoniic 

weight. 

15. 0-5 gram of a metal, M, on solution in dilute hydrochloric acid 

displaced 637 c.c. of hydrogen, measured at 16 C. and 780 mm. pres¬ 
sure. Calculate the equivalent weight of the metal. If the formula ot 
the oxide of the metal is MA. '^hat will be the atomic the 

metal? [i litre of hydrogen at n.t.p. weights 0-09 gram.] (C.W .B.b.C.j 

16. Explain the meaning of the terms e^mra/eiif lye^h/ and 
n-ehht. 4706 grams of silver dissolved in mtric acid was found to 
precipitate completely the chlorine in 5*45 5 grams of a metallic chloride 
The chloride is of the same type as calcium chloride. Calculate {a) he 
equivalent weight of the salt, (i) the atotn.c -ght^cf^.lj 

[0-557, Ag = 108.] . ■), 

17. Define the terms equivalent ivei^ht and ato/mc wei$l)t. 

The chloride of an clement contains 77-4 per cent, of chloune, and 
the vapour density of the chloride is 68-6. Calculate '^e equn'alent 
weight of the element, and state what conclusions you can draw 
regarding its atomic weight. [ 0 -i 6 , Cl 3 5 5 -] ( ■ ' ' i 

i8 \X hat do you understand by each of the following statements? 
M The atomic weight of carbon is .2. (i) The molecular weigh 
of carbon dioxide is 44 - W Tbe gram-molecular volume of a gas is 

" D^cle briefl; how enr of these values might be degtimned- 
o’', gfm\‘f?metalwht'dissolved in 

r, X s'i,% rsl™-Kt;:, ^ ‘ " 

TV • 11, henveen the chemical equivalent and the atomic 

weigiit^f^ dement, illustrating your answer by reference to any 

" " g- of a metal 

acid, and J?as found to displace 29!specITheat 
turc of 22° C. and a pressure of 752 mm. ot mercury u 
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of the metal was found to be o-15 a. Calculate the chemical equivalent 
and the atomic weight of the metal. (b.L.L., 192O.J 

21. State the law of multiple proportions and show that it is a 

necessary consequence of the atomic theory. j 1 c 

An clement has two equivalent weights 18-67 specific 

heat is 0-12. . 1 ■ / \ .u 

What arc (a) its exact atomic weight, {b) its two valencies, (c) the 

formulae of its two chlorides? (O.S.C.) 

22. What change in volume (measured at a given temperature and 

pressure) would take place in one litre of oxygen by converting 5 per 

cent, of it into ozone? . ^ • 

The bromide of a metal has a vapour density of 276 ; it contains 

58 per cent, bromine. How many atoms of bromine does a molecule 

of the bromide contain? [Br = 8o.] (O. and C.S.C) 

23. Explain what is meant by (a) an anhydrous salt, (b) a hydrated 

salt. Give one example of each. _ 

2*928 gram of a hydrated salt was heated until water of crystalbsauon 
was completely removed with a loss of weight of 0-452 gram. The mole¬ 
cular weight of the anhydrous salt was 208. How many molecules of 
water were combined with i molecule of the anhj'drous salt? [H = i j 

0 = 16.] (O. and C.S.C.) 

24. A paraffin candle (C = 82 per cent., H = 18 per cent.) weighs 
100 grams. Find the weights of the products formed by the complete 
combustion of the candle. 

25. Calculate the volume of hydrogen sulphide, measured at 
N.T.P., which would be required to precipitate all the copper as sul¬ 
phide, CuS, in a solution containing yoo grams of the hydrated 
sulphate, CUSO4, 5 HoO. 

26. 600 c.c. of carbon dioxide, measured at 15® C. and 750 mm. 
were liberated when 5-00 grams of chalk were dissolved in dilute 
hydrochloric acid. Calculate the percentage of calcium carbonate in 
the chalk on the assumption that it contains no other carbonate. 
[Ca = 40, C = i2, 0 = 16.) 

27. Calculate the volume of chlorine, measured at 15® C. and 740 mm. 
which would be liberated when 5 -oo grams of a specimen of pyrolusite, 
containing 70 per cent, of manganese dioxide, MnOg, are heated with 
an excess of concentrated hydrochloric acid. 

MnO, + 4HCI = MnCla + CI2 + zHoO. 

[Mn = 5j, 0 = 16.] 
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OXYGEN AND AIR 


OXYGEN. O = i6-ooo 

Occurrence of oxygen. Oxygen is by far the rnost abundant 
of the elements. In the free state it forms 23-2% by weight, or 
21-0% by volume, of the atmosphere, whilst in combination it 
forms 88-8% of water or 86% of the ocean. Nearly 50% of the 
earth’s crust, to a depth of ten miles, including the ocean and 

the atmosphere, consists of oxygen. ^ 

Preparation, {a) By the decomposition of potassium chlorate. 

Oxygen is usually prepared in the laboratory by heating an inti¬ 
mate mixture of one part by weight of manganese dioxide and 
four parts by weight of potassium chlorate (Expt. 18, p^ 19)^ 
The potassium chlorate decomposes into potassium chloride and 


own. aKC 103 = 2X0 + 30., 

and the manganese dioxide acts as a Catalyst (Part H, p. 563) 
because it asists this decomposition without itse f suffering any 
permanent chemical change. In the absence of a catalyst he 
Llorate has to be heated to a much higher te-P;-*"-- J 

Uberation ^ ^a goS^rlsll^^^^ 

the oxygen is not pure, but contains traces of chlorme which 
give it an unpleasant odour. 
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(^h) By the decomposition of mercuric oxide. When mercuric 
oxide is lieatcd it decomposes into mercury and oxygen: 

2Hg0 = 2Hg+02. 

Pure oxygen can be obtained in this way, but the 5 ield is poor 
and the mercuric oxide is expensive. The apparatus is the same 
as in Expt. 18, p 119, except that a hard glass test tube is used in 
place of the boiling tube. The mercury condenses mainly at the 
top of the test tube, but a little passes over with the oxygen and 
is condensed by the water. 

(c) By the interaction of water and sodium peroxide.—Pure 
oxygen is evolved when water is added to sodium peroxide : 

aNaaOa + 2H2O = 4 NaOH + Og. 

The peroxide can be placed in the bottom of a flat-bottomed 
flask and cold water dripped on to it slowly from a large tap 
funnel. If a continuous supply of oxygen is required, specially 
prepared cubes of sodium peroxide, mixed with a catalyst such 
as ferric oxide, are placed in the middle compartment of Kipp's 
apparatus (\j. 139) and water is poured in through the open mouth 
of the top compartment. 

{d} From the air.—Enormous quantities of oxygen are manu¬ 
factured by liquefying air, and then distilling it to separate the 
oxygen (b.pt. - 185°) from the more volatile nitrogen (b.pt. -196°). 
Air is liquefied by making use of the fact that a compressed gas 
cools when it is allowed to expand. Air, purified from dust, 
carbon dioxide and moisture, is therefore compressed by pumps 
and cooled with cold water (as the compression raises its tempera¬ 
ture) before being allowed to expand. The colder air thus ob¬ 
tained is then used to cool a further supply of cold compressed 
air, before the latter is allowed to expand and to cool to an even 
lower temperature a further supply of compressed air. In this 
way the temperature of the compressed air is progressively 
lowered until eventually a portion of it liquefies on expansion. 
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(e) By the electrolysis of water.— Oxygen is set free at the 
positive pole and hydrogen at the negative pole when a current 
of electricity is passed through a solution of sodium hydroxide. 
This method, which provides another source of oxygen on the 

industrial scale, is discussed under electrolysis (p. 

Properties of oxygen. Oxygen is a colourless, odourless gas 

which is slightly heavier than air. Although its solubjty in wate 
is slight viz. 4 volumes in loo volumes of water at 8 t it is 
supreme importance to marine life, since all things which live 
under water! whether animal or plant, require dissolved oxyge 

^“chetS" oxygen is very active and combines directly with 
Ji is sold »d pi., loom jpomo, 

exceotions Thus when heated, carbon, sulphur, phosphorus, 

flcta, rfom .od tor. bo.o b..ll»,l» m S ■ 

'°Tbtoi»wi,b«b'obo.,Bto,"PPon‘'od,b..»ool..bo"o 

bppta?;. Stall- siota.g .pHta. oitota tao lb. s... 

” i...»d o„ . «„ l.y. 

welding and cutting steel. 


Gas mixlurs and 
/fash back preventer 


Acetylene 

control 


Acetylene 




Oxygen 

control 


Oxygen 


Interchangeable 
nozzles 


Fig. 15A. The oxy-acetyicne blow-pipe. 

T, .. ■ i, ^ofrnl -screws a suitable mixture of oxygen 

ItSS S P.i™ Ibi pool or .h. pipe ..d bo,o. .. 
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the nozzle to give a flame which may reach 3,400° C. 
hottest part: .j /-» 


in the 


For welding, the oxygen content of the mixture is reduced to 
about half that required for the above reaction, so that the 
steel is heated without being oxidised. For cutting steel, the 
proportion of oxygen is increased, usually in a blow-pipe designed 
for the purpose, so that the strongly heated metal burns in the 
excess of oxygen to give a clean cut. In this way it is possible to 
cut about 30 ft. of 5 in. thick steel in an hour, which is very useful 
when old ships and bridges, etc., have to be demolished for scrap. 

Oxygen masks arc used for high-altitude flying, and cylinders of 
the gas are used extensively in hospitals for the treatment of 
patients suffering from pneumonia and other lung troubles, as well 
as in the application of anaesthetics like nitrous oxide, page 359. 


THE AIR 

Composition of air. Apart from moisture, the main con¬ 
stituents of air are set out in Table 3. 


Table 3. Composition of air 



Percentage by 
volume 

Percentage by 
weight 

Nitrogen 

78-0 

7 i -5 

Oxygen 

2 I *0 

23-2 

Argon 

0 - 9 J 


Carbon dioxide - 

0*05 

0-05 


The figures given in this table are the average of several 
measurements which have been made in various parts of the 
world. In big cities the oxygen content of the air is slightly less 
than in the country, whilst the carbon dioxide content is some¬ 
what greater. The remarkable point about the above figures is 
that they have remained practically constant during the last fifty 
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years, in spite of the enormous quantities of oxygen which have 
been converted into carbon dioxide by combustion and respira¬ 
tion. The reason for this is explained on p. 206, which deals 
with the carbon dioxide cycle. 

Determination of the volumetric composition of air. The 
percentage of oxygen by volume in air can be estimated by deter¬ 
mining the contraction in volume which occurs when a measured 
volume of air is subjected to the action of either yellow phos¬ 
phorus or alkabne pyrogallol (Expt. 19, p. 119), since these sub¬ 
stances remove the oxygen and leave the other gases. The carbon 
dioxide occupies a negUgible volume, but it is impossible to 
separate the nitrogen from the argon in a simple way, so that in 
elementary work the final volume is regarded as nitrogen. 

The hydrogen method for measuring the percentage of oxygen 
in air has been mentioned on p. 95> whilst another method is 

given on p. 344- . . . . 

Determination of the gravimetric composition of air. The 
composition of air by weight can be measured by a method 



which was first used by Dumas and Boussmgault tn 41. A 
large glass globe fitted with a stopcock is evacuated ,nd 

we^hfd, as is also a hard glass tube. B. which ^ J 
finely divided copper and fitted with two 

of tL glass tube is connected to the glob^ and d. other^is 

attached to two U-tubes and a wash bottle. The , 

D. are filled with granulated calcium chloride to remove moisture, 
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whilst the wash bottle, E, contains a solution of potassium 
hydroxide to remove carbon dioxide, and at the same time serve 
as an indicator of the rate of admission of air. The glass tube is 
then heated in a furnace, and the three stopcocks turned so that 
a slon' stream of air can pass into the evacuated apparatus. The 
hot copper removes all the oxygen, provided that the air is 
admitted slowly, and nitrogen (+ argon) passes into the globe A. 

When the flow of air ceases, the stopcocks are turned oft and 
the glass tube and globe reweighed. The increase in the weight 
of the tube represents the weight of the oxygen (in the form of 
copper oxide) plus the weight of the nitrogen gas which fills it. 
It is therefore evacuated and reweighed to give the weight of 
this nitrogen. The increase in the weight of the globe, plus the 
weight of the nitrogen in the glass tube, gives the total weight 
of the nitrogen, and hence the percentage by weight of oxygen 
and nitrogen in dry air can be calculated. The figure for nitrogen 
includes about 1*3% of argon, since this gas also passes into the 

evacuated globe. 

Air a mixture. The oxygen and nitrogen in the air are known 
to be present as a mixture, and not as a compound, for the follow¬ 
ing reasons: 

(i) If we exclude the minor constituents such as moisture, car¬ 
bon dioxide, etc., the proportions of oxygen to nitrogen undergo 
slight variations from place to place. This is particularly notice¬ 
able in mountainous districts where the proportion of oxygen to 
nitrogen falls as a mountain is ascended. Now the composition 
of a pure compound is constant (p. 10) so that the oxygen and 
nitrogen in air cannot be present as a pure compound, though 
they could be present as compound plus excess oxygen or 
nitrogen. 

(ii) The nitrogen and oxygen can be separated completely by 
liquefying air, and then subjecting it to fractional distillation. 
Compounds cannot be separated into their constituent elements 
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by this method, so we are forced to conclude that oxygen and 
nitrogen are present in air as a mixture. The fact that air which 
is dissolved in water contains a greater proportion of oxygen 
than ordinary air is evidence of the same type, because by a 
tedious series of solutions and expulsions by boiling it would be 
possible to prepare nearly pure oxygen from the air. 

(iii) The phvsical and chemical properties of air are precisely 
those which we would expect it to have if it were a mixture. Thus 
its density of 14-4 is the same as the calculated value for a mixture, 
viz. 0*21 X 16 4-0'79 X 14, where 16 and 14 are the rclati\e 
densities of oxygen and nitrogen, and 0-21 and 0-79 their rclati\e 
proportions in the air. Again, air is not such a good supporter 
of combustion as oxygen, in accord with the fact that it contains 
a large proportion of nitrogen, a non-supporter of combustion. 
Since the properties of a compound are usually entirely different 
from those of its constituents, the above facts are in complete 
harmony with the theory that air is a mixture. 

(iv) When oxygen and nitrogen are mixed in the proportion in 
which they occur in air. there is no heat change and no expansion 
or contraction in volume, i.e. no reason for thinking that a 
chemical change has taken place, and the product has all the 
properties of air which has been purified from carbon dioxide and 
moisture. 

(v) Finally, unless air is a mixture its vapour density cannot be 
reconciled with its percentage composition. Thus its relative 
vapour density of 14-4 suggests a molecular weight of about 29, 
so that if it were a compound it would have to be represented by 
the formula NO with a molecular weight of 30. This formula 
is, however, completely at variance with the gravimetric com¬ 
position of air, which requires the formula, NuO^, of molecular 

weight 202. 
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HISTORICAL NOTES 

The history of combustion. The discovery of the composition 
of the atmosphere was due to the investigation of combustion and 
respiration, so that it is appropriate to give here a historical survey of 
the principal researches on combustion and respiration. 

In the middle ages the alchemists attached great importance to the 
effect of heat on substances, and alchemical literature depicts a variety 
of weird furnaces. Experiments showed that all metals, except silver 
and gold, were converted by heating in air into powders of various 
colours. These powders were called calces, because of their resem¬ 
blance to lime, the Latin name of which was calx, and the process of 
burning was known as calcination. Since a calx was less dense than 
the metal from which it was prepared, it was tacitly assumed that a loss 
in weight had occurred, just as when coal and wood are burnt. Great 
astonishment was therefore expressed when it was discovered by 
actual weighing that a metal calx was heavier than the metal from 
which it was formed. Thus Jean Rey, a French doctor of medicine, 
records how an apothecar)' called Brun, “ having placed two pounds 
six ounces of fine English tin in an iron vessel and heating it strongly 
on an open furnace for the space of six hours with continual agitation 
and without adding anything to it, recovered two pounds thirteen 
ounces of a white calx ; which filled him with amazement, and with a 
desire to know whence the seven ounces of surplus had come 

In 1673, nearly half a century later, Robert Boyle confirmed Rey’s 
statement that metals increase in weight on calcination, and showed 
that the increase in weight occurred even when the metal was pro¬ 
tected from the fire by being sealed in a glass retort, so that it was not 
caused by particles of soot or dust. Boyle noted the inrush of air 
which occurred when the sealed retorts were opened, but unfortu¬ 
nately attributed this solely to the fact that he had heated the retorts 
to expel part of the air before he sealed them—a precaution which he 
took because his first flask “ after quarter of an hour on quick coals 
suddenly broke into a great multitude of pieces, and with a noise like 
the report of a gun Had Boyle mighed the sealed retort before and 
after calcination of the metal, he would have found, as Lavoisier did 
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a centur)' later, that it had not altered in weight; and hence he would 
have concluded that the increase in weight of the tin was due to the 
absorption of some of the rarefied air in the retort. 

Since Boyle also showed that some substances such as gunpowder 
could burn in a vacuum, he concluded that air was not essential for 
burning and that it was the absorption of igneous corpuscles winch 

caused a metal to increase in weight on calcination. 

Nitre air. Robert Hooke, who was at one time an assistant to 
Boyle, put forward the first rational theory- of burning (1665)* He 
showed, as Boyle had done, that gunpowder (charcoal + nitre + sulphur) 
could burn in the absence of air. but he rightly attributed this to the 
fact that the nitre contained a substance similar, if not identical, to a 
constituent of air ; his reason being that both charcoal and sulphur 
burnt brilliantly when dropped into fused nitre. This active consti¬ 
tuent of air he called “ nitre air . 

Mayow’s experiments. The experiments which had been earned 
out hitherto made no provision for the collection and examination tif 
gases. Thus, when substances were distilled, it was customary to 
collect the volatile products in a receiver, which sometimes contained 
water. Volatile solids and liquids would be partially or wholly con¬ 
densed in this way, but many gases would be lost. Mayow was the 
first experimenter to introduce the practice of collecting and measuring 
gases in bottles over water. In his experiments on burning, Fig. 15, 

p. 112, he was able to show that : 

(i) A decrease in volume occurred when a candle or camphor was 
burnt in a confined volume of air (Fig. Ma). but that combustion 

ceased long before all the air was used up. 

(ii) A decrease in volume also occurred when a mouse was placed 
in a confined volume of air. Fig. 15b. and that the mouse soon died. 

(iii) A mouse died almost immediately when placed in the residual 
air from (i), and conversely that a candle could not burn in the residual 
air of (ii) ;* i-e. combustion and respiration used up the same active 

constituent in air. 

(iv) Charcoal and sulphur burnt brilliantly in fused nitre. 

Mayow therefore concluded that air was made up of two gases, 

namely the “ nitre air ” of Hooke, which is used up in combustion 
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and respiration, and an inactive constituent. Had he been able to isolate 
“ nitre air ” there is little doubt that the correct theory of burning 
would have been established a centur)’ earlier; instead, his results 
were ignored for the attractive but erroneous theory of phlogiston. 

The phlogiston theory. Boyle’s theory of burning is not unlike 
the famous Theory of Phlogiston, which was first suggested in 1669 
by the German philosopher, Becher, and elaborated and improved by 



(«) (p) 

Fig. ij. Mayow’s apparatus. 

(a) shous a candle burning in a glass vessel inverted over water, and also a piece 
of camphor being fired by a burning-glass; (p) shows a mouse breathing in a 
confined volume of air. 

his pupil Stahl in 1702. This theory, which was to dominate scientific 
thought for nearly a century, predicted that all combustible substances 
contained a fire clement called phlogisfony which was expelled into the 
air when they were burnt. Thus the calcination or burning of a metal 
was represented by the equation : 

Metal =Calx + Phlogiston. 

A substance such as wood charcoal which left very little ash on 
combustion was supposed to be rich in phlogiston, whilst the con¬ 
version of a metal calx back into the metal by heating with charcoal 
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was attributed to the fact that the charcoal had given phlogiston back 
to the calx ; ^ Phlogiston = Mftal. 

The necessity of air for combustion was explained by supposing 
that it absorbed the phlogiston ; and the fact that a burning substance 
was soon extinguished by placing it in a confined volume of air was 
stated to be due to the air becoming saturated with phlogiston. 

The greatest stumbling block to the theon', and one which eventu¬ 
ally brought about its downfall, was the increase in weight which took 
place when a metal was burnt to a calx. This increase in weight was 
either ignored by the phlogistonists as being of no importance, or 
explained by supposing that phlogiston would have a negative weight. 

Lavoisier’s view of the phlogiston theory. The French chemist 
Lavoisier did not beUeve in the phlogiston theor)’ because he was able 
to confirm the obser\'ation made by Rev, Boyle, Mayow and others, 

that metals increased in weight on calcination. 

In 1774 he repeated Boyle’s experiment of heating tin and lead in a 

sealed retort, in an endeavour to show that these metals increase in 
weight on calcination because of the absorption of air. In one of his 
experiments 8 ounces of tin were placed in a retort of 45 cubic inches 
capacity and the whole weighed The retort was heated to expel 

part of the air, and then sealed and reweighed It was then 

heated until no further calcination of the tin occurred, and on re¬ 
weighing was found to weigh almost exactly the same as it did before 
heating -actually a loss of r«Vo of an ounce was recorded. Note 
that Boyle neglected to weigh the scaled retort before and after heating 

and hence came to an erroneous conclusion. 

Lavoisier cracked the retort with a live coal in order to let in air, 
and then weighed it again and found that it weighed 5-13 grams 
heavier than before he scaled it On weighing the calcined tin 

it was found to have gained 3-12 grains ( =0.01 oz.). Lavoisier there¬ 
fore concluded that (i) the gain in weight of the tin, viz., 3-12 grams, 
had come from the air inside the retort, and (11) that the density of the 
“air” absorbed by the tin was nearly the same as the density ot 
ordinary air, because the tin increased in weight by 3-12 grams whilst 
the air, which rushed into the retort on cracking it, weighed 3-13 grams. 
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He also calculated that about one-fifth of the air which had been 
sealed up in the retort must have been used up in the calcination. 
However, he appears to have overlooked the importance of this last 
point, because, until he heard of Priestley’s experiment (see below), he 
does not seem to have been convinced that it was only a part of air 
which supported combustion and respiration. 

The discovery of oxygen. The missing link which was required 
by Lavoisier to complete his theory of combustion was provided by 
Priestley. The latter, a non-conformist pastor and librarian to Lord 
Shelburne, was examining what “ airs ” or “ gases ” were evolved 
when various substances were heated. On Sunday, ist August, 1774, 
after hurr)ung home from divine ser\’ice, he entered his laboratory 
and with a new burning glass, which had just been given to him, 
focussed the rays of the sun on red mercury' calx, placed at the top of 
a glass vial filled with mercury and inverted in a trough of mercury. 
He obser\'ed that the red calx readily gave up its “ air ”, and when he 
proceeded to examine its properties he found to his amazement that 
“ a candle burned in this air with a remarkably vigorous flame ... and 
a piece of red-hot wood sparkled in it, exactly like paper dipped in a 
solution of nitre, and it consumed very fast ”. A mouse placed in a 
vessel full of the new gas was found to live twice as long as another 
mouse in a similar volume of ordinary air. When he breathed the gas 
he fancied that his “ breast felt peculiarly light and easy for some time 
afterwards ”. 

Priestley was at a complete loss to explain the results of his experi¬ 
ment, but, since the new air was an excellent supporter of combustion, 

he imagined that it was free from phlogiston and therefore called it 
depblogisticated air. 

In October of the same year, Priestley accompanied Lord Shelburne 
to Paris, and one night, whilst dining with Lavoisier, he recounted 
how he had prepared depblogisticated air by heating either red calx 
of mercury or red lead ; whereupon he says “ all the company and 
Mr. and Mrs. Lavoisier as much as any, expressed great surprise 

Lavoisier’s experiments on the calcination of mercury. La¬ 
voisier realised immediately that Priestley’s dephlogisticated air was 
the active constituent in air which combined with metals on calcination. 



Lavoisier’s experiments on combustion 




He therefore repeated and confirmed Priestley’s experiments, and at 
a later date carried out the following experiment which has become 
historically famous. 

Four ounces of pure mcrcur)' were placed in a retort, the neck of 
which was bent and led to a bell-jar of air confined over mercury’, 
Fig. 16. The retort was heated on a charcoal turnace to just below the 
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Fig. i6. Lavoisier’s apparatus for heating mcrcur>’ in a confined volume bf/fv, . 

boiling point of mercury. After some time specks of a black calx 
red mercury calx turns black when it is heated) appeared on the surface 


mercury UdiA lUHS^ L/iavrw «4^>|^vaivwA kjii mv auiACivv* ^ 

of the mercurj’ in the retort, but the heating was continued for 12 days 
until no more calx appeared to be forming. The air in the apparatus 
had contracted from 50 cu. in. to 42 cu. in., and as it would not support 
respiration or combustion Lavoisier called it Azoxt, from the Greek 
words a and ^oe, without life. The specks of red mercury calx were 
collected, weighed and then heated in a small retort, when from seven 
to eight cubic inches of gas were given off and found to be an e.xcellent 
supporter of respiration and combustion. In another experiment, 
Lavoisier showed that when 8 cu. in. of active air were mixed with 
42 cu. in. of azote, a product was obtained which was identical to 
ordinary air. 

From these and other experiments Lavoisier was able to refute the 
theory of phlogiston, and to state quite definitely (1777) that com¬ 
bustion consisted in the combination of the combustible substance 
with an active constituent of air, and that the same gas played an 
essential part in respiration. He called this gas oxygen, from the 
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Greek words, osus, acid, and gett, beget, because he found that non- 
metals burnt in it to give products which were acidic in the presence 
of moisture. In actual fact he assumed that oxygen was an essential 
constituent of all acids, but this was shown to be incorrect when it was 
established that hydrogen chloride, HCl, and certain other acids, do 
not contain oxygen. 

In spite of the overwhelming evidence in favour of it, Lavoisier’s 
thcor}' of combustion was not universally accepted for several years, 
because the phlogiston theory had become so firmly established in the 
minds of scientists. The theory was destined to revolutionise chem¬ 
istry and great praise is due to Lavoisier for the exactness of his 
measurements and the brilliance of his scientific reasoning. He was 
undoubtedly the greatest scientist of his age, and though the quanti¬ 
tative method had originated with Boyle and Black, it is obvious that 
he, more than anyone else, demonstrated for all time the value of 
precise measurements in chemical research. It is pathetic to record 
that because of his aristocratic birth he was guillotined in the French 
Revolution. One of the charges against him was that he had put water 
in the soldier’s tobacco when he held the post of minister of munitions 
in Louis XVI government. The injustice of his fate is increased by the 
knowledge that he was of a philanthropic disposition. As secretary 
to the Board of Agriculture he had tried to introduce reforms for ihe 
betterment of the working classes, and had put these into practice on his 
own experimental farms. A fellow country'man of Lavoisier’s once said: 

“ Chemistry is a French science. Its founder was Lavoisier of 
immortal fame.” 

The work of Scheele. An account of the investigation of com¬ 
bustion would be incomplete without mention being made of Scheele’s 
experiments, which were carried out prior to and independently of 
those of Priestley and Lavoisier; but his results were not published 
until 1777, and their priority was only established in 1892. Scheele, a 
poor Swedish apothccar)% showed that air consisted of two gases, one 
of which, “ fire air ”, supported combustion and could be removed 
completely by contact with moist iron filings, or phosphorus, to leave 
the other gas, or “/o/// air ” as he called it, which did not support com¬ 
bustion. He prepared “ fire air ” by heating nitre (potassium nitrate). 
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and showed that the ordinary properties of air were regained when 
this gas was added to “ foul air 

Composition of air. From very early times air was regarded as 
an element ; the presence of water vapour was recognised, but it was 
not considered to be an essential constituent. 

The presence in air of the principal product of combustion and 
respiration, namely, carbon dioxide, was recognised in 1755 by Black, 
who gave to this gas the name of “ fixed air Whilst the researches of 
Mayow, Priestley and others, as described above, led Lavoisier to the 
idea that air was a mixture of oxygen and nitrogen together with 
moisture and carbon dioxide. But the existence in the air of the inert 
gases, helium, neon, argon, krypton and xenon, remained undiscovered 
for more than another century. 

In 1785 Cavendish had attempted to find out whether phlogisticated 
air (i.e. nitrogen), consisted of more than one gas. He sparked ordi¬ 
nary air in a globe over a solution of caustic potash, to absorb the 
nitrogen peroxide formed by the sparking, and then added an excess 
of oxygen to the residue in the globe, and continued the sparking until 
no further contraction occurred, i.e., until all the nitrogen had been 
oxidised and dissolved. When he removed the surplus oxygen in the 
flask with liver of sulphur, he obser\'ed that a small residue, about 
yj-o part of the original air, was left which could not be dissolved 
by adding more oxygen and sparking. Cavendish therefore came to 
the conclusion that: “ if there is any part of the phlogisticated * part 
of our atmosphere which differs from the rest, and cannot be reduced 
(= oxidised) to acids, we may safely conclude that it is not more than 
yi-Q part of the whole.” 

Had this observation been followed up, argon would have been 
discovered a century earlier than it was, but even Cavendish does not 
seem to have realised the importance of his discovery. This omissior 
should serve to emphasise to the student of science the need for exact 
and precise measurements, and the great importance of sifting to the 
bottom any irregularities or discrepancies that are observed. 

In 1892, more than 100 years after Cavendish’s work, Rayleigh was 

* Cavendish was a firm believer in the phlogistic theory and therefore called 
oxygen, dcphlogisticated air, and nitrogen, phlogisticated air. 
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engaged in measuring the density of gases, and found to his surprise 
that nitrogen prepared from the atmosphere was about h per cent, 
denser than “ chemical nitrogen ”, i.e. nitrogen prepared from 
chemicals such as nitric acid and ammonium nitrite. The obvious 
explanation of this discrepancy was that atmospheric nitrogen con¬ 
tained a small quantity of a denser impurity. A search through 
chemical literature showed that the result of Cavendish’s experiment 
of 1785 had never been investigated, and that therefore the residue, 
which would not dissolve on sparking with oxygen over an alkali, 
might well be responsible for the greater density of atmospheric 
nitrogen. Accordingly, Rayleigh repeated Cavendish’s experiment, 
but on a much larger scale, and was thereby able to isolate and identify 
a new gaseous element which did not appear to form any chemical 
compounds. In this work he was assisted by Ramsay, w'ho removed 
oxygen and nitrogen from air by means of red-hot copper and mag¬ 
nesium. They first called the new gas aeron, but because the element 
was chemically inert and also because they received so many enquiries 
as to when Moses would be found, they later decided on the name 
argon (Greek : i/r?w=idle). 

The isolation of argon suggested that a whole family of inert gases 
might exist, and this view was quickly confirmed by Ramsay’s isolation 
of helium from a mineral called cieveite. This element had actually 
been discovered by Sir Norman Lockyer twenty-six years earlier as a 
constituent of the sun’s atmosphere, hence the name helium (Greek : 
/je//os = sun). The other inert gases, neon (Greek : wo/= new), krypton 
(Greek : krypios = hidden) and xenon (Greek : xenos = strange) were 
discovered shortly afterwards by the liquefaction and distillation of 
air and crude argon. 

In conclusion, mention may be made of the fact that helium is used 
to fill airships because of its lightness and non-inflammability, but 
the supply of it is limited, the chief source being certain gaseous 
oil-wells in America. Neon is used to give a brilliant orange-red light 
in electric advertisement signs, and, because yellow or orange light 
penetrates fog more easily than white light, neon lamps are being used 
to light up aerodromes. Argon, like neon, is isolated by the distillation 
of liquid air ; it is used in gas-filled electric filament lamps. 
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Expt. 18. To prepare oxygen and examine its properties. 

Fill a dry boiling tube one-third full of an intimate mixture ot 
potassium chlorate (three parts) and manganese dioxide (one part), and 
then fit the tube with a cork and delivery tube leading to a trough of 
water, as shown in Fig. 17. Heat the mixture cautiously until 



oxygen is liberated fairly rapidly, then heat intermittently until four 
jars a, b, c, of gas have been collected. Discard and refill the first jar 
with oxygen as it will contain a large proportion of air. Now remove 
the delivery tube from the trough of water (why?) and examine the 
jars of gas as follows : 

(a) Note the colour and smell, and action on moist blue and red 
litmus paper. 

(b) Plunge a glowing splinter of wood into the jar. 

(r) Ignite some sulphur in a deflagrating spoon and plunge into the 
jar. When the sulphur is extinguished, add blue litmus solution, seal 
the jar with a lid and shake. 

(d) Repeat (c) using a pellet of sodium half the size of a garden pea ; 
allow the deflagrating spoon to cool, then plunge it into a beaker 
containing a solution of red litmus. 

Record all your observations and try to draw conclusions. 

Expt. i 9 . The estimation of the percentage of oxygen by volume 
in air. 

_ Yef/on' phosphorus is very inflammable and should be held by tongs 

and not in the hand. 

{a) The phosphorus method. A small piece of yellow phos¬ 
phorus is melted by heating it under a layer of water in a test tube ; 
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the presence of the water prevents the phosphorus from catching fire. 
A long piece of copper wire is coiled at one end and this end is placed 
in the molten phosphorus, which is then cooled under the tap. In this 
way the phosphorus solidifies round the copper wire, and can then be 
pushed up into a measured volume of air, which is contained in a 
graduated loo c.c. tube in a deep jar of water. The temperature and 
pressure arc recorded, and the apparatus is set on one side for two 
days. The phosphorus unites with the oxygen to form phosphorus 
pentoxide, 

4P + j02 = 2P205, 

which is dissolved and removed by the water. 

The wire with the residual phosphorus is withdrawn, and the 
level of the water adjusted so that it is the same outside and inside 
the tube (why?) before the volume of the residual nitrogen is 
measured. 

The atmospheric pressure and temperature are remeasured, and if 
they have not altered appreciably during the experiment, there is no 
need to correct the initial and final volumes to n.t.p., but if marked 
changes have occurred the corrections must be made. 

(h) The alkaline pyrogallol method. Pour about 15 c.c. of a 
strong solution of pyrogallol (pyrogalUc acid) into a 100 c.c. calibrated 
tube and lodge a small stick of caustic soda at the top of the tube, which 
should be held in a sloping position to prevent the caustic soda from 
sliding into the pyrogallol. The tube is securely corked with a rubber 
bung, and then shaken to dissolve the caustic soda. The alkaline 
solution ot pyrogallol rapidly absorbs the oxygen, and this is why the 
tube must be sealed before the caustic soda is dissolved. The tube 
should be shaken vigorously for about ten minutes to ensure the 
removal of all of the oxygen. The “ original ” volume of the air is 
measured by reading the level of the liquid when the tube is held in a 
vertical position, and the final volume is then obtained by' removing 
the rubber bung under water in a deep vessel, when water rushes in to 
take the place of the absorbed oxy^gen. The last reading is taken when 
the liquid has drained from the sides of the tube and the latter has 
cooled to room temperature ; also the levels of the liquid in the tube 
and jar must be the same. 
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Expt. 20. The percentage of oxygen in dissolved air. 

Some distilled water is saturated with air by drawing a stream of air 
through it for about twenty minutes. A round-bottomed flask ot 
about 500 c.c. capacity is filled with this water and then fitted with a 
cork and delivery tube, which is also full of water. The latter is best 
filled by placing the cork end in the water and sucking at the other end 
until water just enters the mouth. The cork end is then blocked with 
a finger until the other end has been removed from the mouth and 
stopped with a finger. The cork can then be pushed firmly into the 
flask and the open end of the delivery tube placed under a graduated 
tube which is standing in water. Fig. 18. The dissolved air is then 



expelled by boiling the water in the flask for a few minutes. Thc 
process should be repeated with fresh water until about 20 c.c. ot 
boiled out air have been collected ; the oxygen in this air is then 
estimated by the phosphorus method, Expt. 19a. What deduction 

can you draw from your results? 


QUESTIONS ON CHAPTER X 

I. For what purposes is oxygen employed on a large scale? De¬ 
scribe briefly how it is obtained. Mention three compouiids which gn e 
it off in a fairly pure stale when heated, and write equations for their 
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decomposition. How would you purify oxygen from traces of 
chlorine? ' (O.S.C) 

2. How has it been proved that air consists mainly of a mixture of 
nitrogen and oxygen and not of a compound of these elements? How 
would you determine the percentage of oxygen in a sample of air? 

(O. and CS.C) 

3. Describe one simple experiment by means of which the volume 

of oxygen in a given volume of air may be determined. Name the two 

principal gases present in air and state whether they are present as a 

mixture or a compound. Give two reasons which support your state¬ 
ment. 

Name one other normal constituent of air. (J.hf.B.S.C.) 

4. Describe any three experiments which help to explain the 
chemical changes which go on when substances burn in the air. In 
each case state what you consider the experiment proves. (O.S.C.) 

5. What experiments would you yourself perform to prove as 
conclusively as possible that air contains id) oxygen, (b) carbon 

(O.S.C.) 

6. How has it been shown that air consists principally of a mixture 
of oxygen and nitrogen, and not of a compound of these elements? 

(O. and CS.C.) 

7 * ^ mixture of 10 c.c. of air and 20 c.c. of hydrogen was exploded 
in a eudiometer. After the gases had been allowed to cool to the 
initial room temperature and pressure the volume of the residual gas 
was found to be 257 c.c. From these data calculate the percentage of 
oxygen by volume in the air. (J.M.B.S.C ) 

8. Describe experiments by which you could {a) collect a sample 

ot the air dissolved in tap-water, {b) find out how much oxygen this 
aircontains. (O.S.C.) 

9. What IS the approximate composition of the atmosphere? 

^wtfour reasons why air is considered to be a mixture of gases and 
not a compound. ® 

How could you determine the percentage by volum, of any one 
constituent of the air? (L G^S C ) 

ro. Write a short account of either the evidence for the atomic 
theory or the experiments which led Lavoisier to the modem theory 
of combusuon. (O 5 

■ uV contrast present-day views with those held in the 

eighteenth century regarding the nature of combustion. (S.L.C.) 
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ACIDS, BASES, SALTS AND OXIDES 

Definition of acid, base and salt. In the last chapter mention 
was made of the fact that the constituent in air which supports 
combustion was called oxygen (Greek : oxus^ acid, and 
beget) by Lavoisier, because he found that it combined with 
non-metals to form products which yielded acidic solutions. The 
belief then arose that all acids contained oxygen, but this was 
disproved by experiments which showed that hydrochloric acid 
and certain other acids did not contain any oxygen. All acids, 
however, contain hydrogen, part or all of which can be replaced 
by a metal, and as they act on indicators such as litmus, we may 
give as a preliminary definition of an acid : 

A substance which turns blue litmus red and contains hydrogen 
wholly or partially replaceable by a metal. 

The product which is formed when the replaceable hydrogen 
of an acid is exchanged for a metal is described as a Salt. 

The oxides and hydroxides of metals usually behave as Bases ; 

a base being defined as: 

A substance which will react with an acid to form a salt and 
water only. 

The relationship between acids, bases and salts may therefore 
be represented by the equation : 

Acid + Base = Salt + W ater. 

The preparation of acids. Acids may be prepared by the 
following methods : 
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{a) By the action of water on an acidic oxide.—Most acidic 
oxides react with water to give acids, e.g.: 

Carbon dioxide + water = carbonic acid 

COo + HjO = H2CO3. 

Sulphur trioxide + water = sulphuric acid 

SO3 + HoO = H2SO4. 

Enormous quantities of sulphur trioxide are manufactured by the 
Contact Process for conversion into sulphuric acid in this way. 

{b) By the displacement of an acid from its salt.—When sodium 
nitrate is heated with concentrated sulphuric acid in a retort, 
nitric acid distills over as its boiling point (89®) is much lower 
than that of sulphuric acid (530®): 

Sodium nitrate + sulphuric acid = sodium bi-sulphate + nitricacid 
NaNOg + HaSO^ = NaHSO^ + HNO3. 

Similarly sulphuric acid displaces the acid gas, hydrogen sul¬ 
phide, from iron sulphide and forms ferrous sulphate : 

FeS + H2SO4 =FeS04 + HgS, 

but hydrogen sulphide will displace sulphuric acid from a cold 
solution of copper sulphate because copper sulphide is insoluble : 

CUSO4 + HgS = CuS H2SO4. 

(r) By the direct union of certain non-metals with hydrogen. 
Hydrogen burns in chlorine to form hydrogen chloride gas, 

H2+Cl2 = 2HCl, 

which can be dissolved in water to give a solution called hydro¬ 
chloric acid—the concentrated hydrochloric acid used in the 
laboratory contains about 28% by weight of hydrogen chloride. 

Properties of acids. The physical properties of acids vary 
considerably. Thus at room temperatures some acids such as 
hydrogen chloride are gases, some are liquids like sulphuric acid, 
and others such as oxalic acid are solids. Their solubilities in 
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water show wide variations, c.g. sulphuric acid is miscible with 
water in any proportion, whilst oxalic acid is sparingly soluble; 
but all acids, with the exception of the more complex organic 
acids (i.e. acids which contain carbon), are at least slightly soluble 
in water and are usually colourless. Finally, nearly all acids have 
a sour taste. 

Although acids also show marked variations in some of their 
chemical properties, they are alike in that in dilute aqueous 
solution they : 

(i) affect the colour of indicators, e.g. they turn blue litmus 

red and methyl-orange red ; 

(ii) attack most metals (copper and lead are important excep¬ 

tions) to give hydrogen and a salt, e.g., 

Zn+H2S04 = ZnS0,+H2, 

but dilute nitric acid only gives hydrogen when it 

attacks magnesium : 

Mg + 2HNO3 = Mg(N 03)2 + H.,; 

(iii) react with bases to give a salt and water, e.g., hydrochloric 

acid gives chlorides : 


Sodium 4 - 
hydroxide 

hydrochloric 

acid 

= sodium 
chloride 

4 - 

water 

NaOH 4 - HCi 

nitric acid gives nitrates : 

= NaCl 

4 - 

H.P; 

Potassium 4 - 

hydroxide 

nitric = 

acid 

potassium 

nitrate 

4 - 

water 

KOH + 

HNO3 = 

KNO3 

4 - 

H.2O; 


and sulphuric acid gives sulphates : 

Copper oxide 4- sulphuric acid = copper sulphate + water 

CuO + H^SO, = CuSO, r H, 0 : 
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(iv) react with carbonates to liberate carbon dioxide and form 

a salt and water, e.g. : 

Marble + hydrochloric = calcium + carbon + water 

acid chloride dioxide 

CaCOa + 2HCI = CaCls. + CO2 + H^O. 

N.B.—Sulphuric acid is almost without action on marble in 
the cold, but attacks most other carbonates, e.g. : 

Sodium + sulphuric = sodium + carbon + water 
carbonate acid sulphate dioxide 

Na^COa + H^SO* = Na^SO^ + CO^ + H^O; 

(v) arc better conductors ot* electricity than water. This pro¬ 

perty is of the utmost importance, and is discussed in 
greater detail in Chapter XXVII, p. 369. 

Preparation of bases. Bases may be prepared by the follow¬ 
ing general methods: 

(a) By burning a metal in oxygen, e.g.: 

Magnesium + oxygen = magnesium oxide 
2 Mg + O2 = aMgO. 

(h) By the action of water on some metals, e.g.: 

Sodium + water = sodium hydroxide + hydrogen 
zNa + 2H2O = 2NaOH + Hj. 

Potassium + water = potassium hydroxide + hydrogen 
zK +2H20= 2KOH + Hg. 

(<^) By the action of heat on most nitrates and most carbonates.— 
Thus, with the exception of sodium and potassium nitrates, the 
nitrates of metals decompose on heating into the oxide, nitrogen 
peroxide and oxygen, e.g.: 

Lead nitrate = lead oxide + nitrogen peroxide + oxygen 

2 Pb(N 03)2 = 2PbO + 4NO2 + Oa 
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Similarly the carbonates of metals decompose on heating into 
the oxide and carbon dioxide, e.g.: 

Calcium carbonate = calcium oxide + carbon dioxide 

CaCO^ = CaO + CO^. 

but the carbonates of sodium, potassium and barium are too stable 
to be decomposed in this way. 

{d) By the double decomposition of a salt and a hydroxide. 
Thus sodium hydroxide is manufactured by the action of slaked 
lime, Ca(OH)2, on a solution of sodium carbonate, p. 594, when 
calcium carbonate, CaCO.^, is precipitated and a solution of 
sodium hydroxide is left: 

NaaCO;, + Ca(OH)2 = zNaOH + CaCOj. 

Properties of bases. When a base is soluble in water it is 
called an alkali because its solution has an alkaline reaction on 
indicators, in contrast to insoluble bases which are without 
action. A base which has dissolved in water is usually present 
as the hydroxide. Thus sodium oxide, Na^O, potassium oxide, 
K2O, and calcium oxide, CaO, dissolve in water, but solution is 
accompanied bv interaction with the water : 

Na^O + H2O = zNaOH (sodium hydroxide), 

KgO ^HaO^zKOH (potassium hydroxide), 

CaO HoO = Ca(OH)2 (calcium hydroxide). 

By definition all bases react with acids to form a salt and water, 
e.g.: 

Copper oxide + sulphuric acid = copper sulphate + water 
CuO + HoSO, = CuSO^ +H20 

Sodium hydroxide + hydrochloric acid = sodium chloride + water 
NaOH + HCl = NaCl +H2O; 

but this is about the only property which they have in common 

Sri Fratap 
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with one another. Alkalis, however, are alike in many other 
respects. Thus aqueous solutions of alkalis : 

(i) have a soapy feeling when rubbed between the fingers; 

(ii) act on indicators, e.g. they turn red litmus blue, methyl 

orange yellow, and phenolphthalein from colourless to 
red ; 

(iii) precipitate metal hydroxides from solutions of all common 

metallic salts, save those of sodium and potassium; 
for example, a solution of sodium hydroxide pre¬ 
cipitates copper hydroxide from a solution of copper 
sulphate: 

Copper + sodium = copper + sodium 
sulphate hydroxide hydroxide sulphate 
CuSO^ + zNaOH = Cu(OH)2 + 

(iv) liberate ammonia from an ammonium salt, e.g. ammonia is 

given off as a gas when solid ammonium chloride is 
heated with a solution of sodium hydroxide : 

Ammonium + sodium = ammonia + sodium + water 

chloride hydroxide chloride 

NH^Cl + NaOH = NHg + NaCl + Hfi; 

(v) are better conductors of electricity than water. The signi¬ 
ficance of this property is discussed in detail in Chapter XXVII, 
p. 369. 

The basicity of acids and acidity of bases. The number of 
hydrogen atoms in the molecule of an acid which can be replaced 
by a metal is described as the basicity of the acid. Thus hydrogen 
chloride, HCl, contains one replaceable hydrogen atom in its 
molecule and is therefore said to be monobasic^ whilst sulphuric 
acid, H2SO4, is said to be dibasic because it contains two replace¬ 
able hydrogen atoms. The basicity of an acid, however, is not 
necessarily equal to the number of hydrogen atoms in its mole¬ 
cule, since some of these may not be replaceable by a metal or 
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base, c.g. acetic acid (vinegar) is monobasic, even though there 

arc four hydrogen atoms in its molecule, 

The number of molecules of a monobasic acid which are 
required to neutralise one molecule of a base is described as the 
acidity of the base. For example : sodium hydroxide is described 
as a mom-acidic base because one molecule of it neutralises only 
one molecule of the monobasic acid, hydrochloric acid, 

NaOH -f MCI = NaCl + H 

whilst calcium hydroxide is said to be diacidic because its mole¬ 
cule can neutralise two molecules of this acid : 


Ca(OH)a + 2HCI ^CaCU + iH^O. 

Preparation of salts. Salts can be prepared by the following 
general methods : 

(i) By the action of an acid on a base, e.g.. 


Copper oxide + sulphuric acid = copper sulphate + water 

CuO + H,SO. = CuSOj +H, 0 . 

Potassium hydroxide + nitric acid = potassium nitrate + water 

KOH + HNO3 = KNO3 + H.O. 


(ii) By the action of an acid on a metal, c.g.: 

Zinc + sulphuric acid = zinc sulphate + hydrogen 

Zn + H.so, = ZnSO, + 

This method is usually much less convenient than the former 
one because a base is more readily attacked than the parent metal. 


fiiO By the action of an acid on a carbonate, e.g. : 

Potassium + sulphuric = potassium + carbon + water 
carbonate acid sulphate dio^de 

K,C 03 + H.3SO, = K,SO, + CO3 +H3O. 

(IV) By' double decomposition. An insoluble salt can be pte- 
pa ed by adding the corresponding acid, or a solution of one of 
ks salts to a solution of one of the salts of the given metal. 
Thus when solutions of silver nitrate and sodium chloride are 
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mixed, a white precipitate of silver chloride is thrown down and 
sodium nitrate remains in solution : 

Silver nitrate + sodium chloride = silver chloride + sodium nitrate 
AgNOg + NaCl = AgCl + NaNOg. 

If hydrochloric acid is used in place of sodium chloride the 
reaction is : 

AgNOg + HCl = AgCl + HNOg. 

(v) By the direct union of a metal with a non-metal, e.g. sodium 
burns in chlorine to form sodium chloride : 

Sodium + chlorine = sodium chloride 
aNa + CIg = aNaCl; 

and when iron and sulphur are heated together they unite to 

form ferrous sulphide, a salt derived from hydrogen sulphide, 
HgS 1 

Iron + sulphur=ferrous sulphide 
Fe + S = FeS. 

(vi) By the union of a basic oxide with an acidic oxide, e.g. 

quick-lime, CaO, combines with carbon dioxide to form calcium 
carbonate : 

Ca0 + C 02 =CaC 03 . 

Properties of salts. Salts are crj-stalline solids which are 
usually white, but those of copper are blue or green, and those 
of iron, green or yellow. A large number of the commoner salts 
are soluble in water, from which they frequently ciy^stallise with 
7 va/er of crystallisation (p. 158), e.g. copper sulphate crystallises 
from aqueous solution with five molecules of water, CuS04,jH O. 

Aqueous solutions of salts are much better conductors'of 
electricity than pure water; the explanation of this behaviour is 
postponed to Chapter XXVII, as is also the fact that the metallic 
and acidic components of a salt appear to behave independently of 
one another in aqueous solution. Thus all solutions of soluble 
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sulphates give a white precipitate ot barium sulphate with a 
solution of any soluble barium salt, 

BaX^MSO,-BaSO, t-MX, 

i.e. the nature of X and M do not appear to matter as far as the 

formation of barium sulphate is concerned. 

Acidic and basic salts. The salts which have been discussed 
above are known as Normal Salts, because their basic and acidic 
constituents are present in equivalent proportions. However, 
some salts are described as Aciu Salts, because they contain 
hydrogen replaceable by a metal or a base. Thus sodium hy¬ 
drogen sulphate, NaHSO,, is an acid salt, because it can react 

with caustic soda according to the equation : 


NaHSOj +NaOIi -Ka.SO^ -f KO. 

Sodium hydrogen sulphate is acidic to litmus, etc., but acid salts 
are not necessarily acidic to indicators, e.g. sodium bicarbonate. 
NaHCO,, is alkaline to methyl orange and litmus. The student 
must therefore avoid the common blunder of defining an acid 
salt as one which is acidic to indicators. The correct definition is : 
A salt which contains hydrogen replaceable by a metal. 

Conversely we may define a Basic Salt as: 

A salt which contains free base neutralisable by an acid. 
White lead, 2PbC03,Pb(0H), is an important example of a 
basic salt; it is used to make the best quality of white pain . 

The classification of oxides. Now that an account has been 
given of the meaning of the terms acid, base and salt, and of the 

connection between them, it is appropriate to 

detail the various types of oxides. For this purpose the oxides 

are classified into the following groups . ^vidp (nr 

(a) Basic oxides. All metals form at least one basic oxide (or 

amphoteric oxide-see below), i.e. an oxide which can react with 
an acid to form a salt and water only : 

CuO't-H 2 S 04 =CuS 04 -l-HgO, 
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but only those basic oxides which are soluble in water have an 
alkaline reaction to indicators. Thus copper oxide is insoluble 
and is without action on litmus, but the oxides of sodium, NagO, 
potassium, KgO, and calcium, CaO, etc., dissolve in water to 
give solutions which are alkaline to litmus; in each case the 
alkalinity is due to the conversion of the oxide into the hydroxide, 
i.e. it is the hydroxide (NaOH, etc.) and not the oxide which 
affects the litmus. 

{h) Acidic oxides. Many non-metals form oxides which are 
said to be acidic because they unite with bases to yield salts, 
c.g. carbon dioxide reacts with the base, calcium oxide, to form 
calcium carbonate : 

Ca0 + C02 = CaC 03 . 

Most acidic oxides are soluble in water, with which they react to 
give an acid ; an acidic oxide will usually therefore turn blue 
litmus red. Examples of soluble acidic oxides are : sulphur 
dioxide, SOo, carbon dioxide, COj, phosphorus pentoxide, PjO^. 

(f-) Amphoteric oxides. Oxides which have both basic and 
acidic properties are called amphoteric oxides. Thus zinc oxide 
is an amphoteric oxide because it interacts with both acids and 
bases to form salts, e.g.: 

Zinc oxide + sulphuric acid =2inc sulphate -h water 
ZnO + HjSO, = ZnSO^ + H.O. 

Zinc oxide + sodium hydroxide = sodium zincate + water 
ZnO + zNaOH = NajZnOo + H^O. 

Aluminium oxide, Al^Og, is another example of an amphoteric 
oxide. 

(d) Peroxides. Oxides which interact with dilute acids to give 
hydrogen peroxide and a salt are called peroxides. Thus sodium 
and barium peroxides react with sulphuric acid to yield hydrogen 
peroxide and a sulphate : 

Na^O. + H,SO, =Na2SO, +H.O2, 

BaO, +H,S0,=BaS04 +H2O3. 
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Unfortunately the term peroxide has been used somewhat 
loosely in the past, and oxides such as lead dioxide, PbO., and 
manganese dioxide, MnO„ have been described as peroxides, 
even though they do not yield hydrogen peroxide with a dilute 
acid ; in the present scheme, however, they have been classed as 

poly-oxides. .. , 

(e) Compound oxides. These oxides behave as if they are 

compounds of two different oxides of the same element. Thus 
red lead, PbgO.,, reacts with nitric acid as if it were a compound 
of lead monoxide and lead dioxide, viz. PbOa-aPbO : 

Red lead -f nitric acid - lead nitrate + lead dioxide + water 

Pb^04 -h 4HNO3 =2Pb(N03)2+ PbOa -hzHP 

(f) Poly-oxides. Some oxides contain more oxygen than is 
requffed by the usual valency of the elernent, and, as they cannot 
be classified with any of the above ox.des, they are ca ^ Po - 
oxides. They give oxygen on strong igmt.on. and v.ll oxtdise 

hot concentrated hydrochloric acid to chlorine, e.g.. 

MnO, + 4HCI = MnCl, + Cl. + aH.O 

Manganese dioxide Manganous chloride 

(g) Neutral oxides. Oxides such as water, HP, 

CO and nitrous oxide, NP, are classified as nautral 

::::d« beciuse .hey do not fotm salts a-J 

cannot oxidise concentrated hydrochloric acid to chlorine. 

experiments 

Exrr a.. The preparation of copper sulphate from copper oxide 

:o*rL‘’:iird:s:oi:e. mixture and leave the filtrate to 

crystallise. 
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Expt. z 2 * The preparation of potassium nitrate from potassium 
hydroxide and nitric acid. 

Titrate 25 c.c. portions of a 10% solution of potassium hydroxide 
against a solution of nitric acid of similar strength, using methyl 
orange to indicate the end point. The acid is placed in the burette 
because alkalis congeal the taps (why?). When three concordant read¬ 
ings have been obtained, rrux the alkali and acid in the correct propor¬ 
tions for neutrality, but in the absence of the indicator, and evaporate 
to crystallisation. 


Expt. 23. The preparation of 2inc sulphate from zinc and sul¬ 
phuric acid. 

Place a few pieces of granulated zinc and about 50 c.c. of bench 
dilute sulphuric add in a beaker ; then add a few drops of a solution 
of copper sulphate and heat. The copper sulphate reacts with the zinc, 
coating it with copper, 

CuS0j+Zn=Cu + ZnS 04 

and thereby assists its dissolution in the add. When no more zinc 
will dissolve, filter and evaporate the filtrate to crystallisation. De¬ 
scribe the appearance of the cr)'stals. 

Expt. 24. To classify unknown oxides. 

Test small portions of the unknown oxides, a, b, c, d, as follows : 

(i) Heat the oxide in a test tube and test for oxygen with a glowing 
splinter. Peroxides and poly-oxides give oxygen, as do also the 
basi<f oxides of mercury and silver, but the latter can be recognised by 
the residue of silver and mercury which they leave in the test tube. 

(ii) Shake with water and test the mixture or solution with blue 
and red litmus paper, if no action is observed the mixture should be 
boiled in case the oxide is sparingly soluble. If the Utmus paper is 
affected the oxide may be addic (blue to red), amphoteric (probably 
red to blue), basic (red to blue), or a peroxide (red to blue). A negative 
result may be due to the fact that the oxide is insoluble in water, and 
this can be verified by filtering the aqueous mixture, and evaporating 


’ Jf student Is unfemiliar with the procedure of an add-alkaU titration he 
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the filtrate to dr)’ncss in an evaporating basin to see whether a solid 
residue is left. A very soluble oxide is certain to be an acidic, basic or 
peroxide, and the last two may be distinguished by the next test. 

(iii) W'arm with dilute hydrochloric acid ; if the oxide docs not 
appear to dissolve, repeat with dilute nitric acid. If the oxide dissolves 
in either of these acids, and was virtually insoluble in water, it may be 
basic, amphoteric or a peroxide. Test a portion of the acid soluuon 
for hydrogen peroxide by the chromate test (Expt. 30 (v), p. 186), a 
positive result proves that the oxide is a peroxide. If a blank is 
drawn, a portion of the solution should then be evaporated to see 
whether a salt can be isolated ; if so, the oxide is basic or amphoteric. 

(iv) If the oxide is nearly or quite insoluble in water, heat it with a 
strong solution of caustic soda ; amphoteric and acidic oxides dis¬ 
solve. but may be distinguished by the fact that only the latter will liber¬ 
ate carbon dioxide when warmed with a solution of sodium carbonate. 

(v) Heat the oxide with concentrated hydrochloric acid in a test 
tube and test for chlorine by smell and bleaching of litmus. Poly- 
oxidcs and peroxides give chlorine, but a peroxide will hzve been 
recognised already by test (iii). If the oxide dissolves in the hot con¬ 
centrated acid without giving chlorine it is basic or amphoteric. 

Summarising, the oxides are classified by the following behaviour: 
{a) Higher oxides give off oxygen when heated alone, and chlorine 

when heated with concentrated hydrochloric acid. 

(M Peroxides give hydrogen peroxide with dilute hydrochloric acid. 
(0 Basic oxides turn red Utmus blue if they are soluble m water, 

and yield salts with dilute acids. 

W Acidic oxides redden blue Utmus if they are soluUe tn water 
yield salts with caustic soda, and Uberate carbon dtoxtde when warmed 

with a solution of sodium carbonate. 

M Amphoteric oxides are only sbghtly soluble in water but 

dissle L caustic soda and in dilute or concentrated hydrochloric 

acid ; they may have an action on Utmus. 

(/) Neutral oxides give negative results with aU the tests. , 
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QUESTIONS ON CHAPTER XI 

1. On mixing an acid with a base a salt is formed. Give three 

examples of this reaction, explaining what is meant by an acid, a base, 
and a salt. (O.S.C.) 

2. W hat do you understand by the basicity of an acid? How 
would you show that nitric acid is monobasic and sulphuric dibasic? 

(O. and C.S.C.) 

3. Give four general methods of preparing acids, illustrating each 
method by two examples. 

Describe experiments by which you could determine the basicity of 
sulphuric acid. (L.M.) 

4. Give two examples of the formation of a salt by a precipitation 

process. (J.M.B.S.C.) 

5. W'hat is meant by the term “ acid salt *’? Give one example. 

(J.M.B.S.C.) 

6. Define the term “ acid What is meant by the basicity of an 

acid? How would you show experimentally that sulphuric acid is at 
least dibasic? How would you prepare a pure cr^'stalline specimen of 
{a) copper sulphate from copper oxide, {b) copper nitrate starting with 
copper sulphate? (C.W.B.S.C.) 

7. What are the principal characteristics of acids, bases, and salts? 

State briefly, giving one example with the equation in each case, 

how you would prepare : 

An acid (a) from an element, (b) from a salt. 

A base {a) from an element, {b) from a salt. 

Give also, with equations, txvo methods of preparing salts. 

(S.L.C) 

8. How would you classify the oxides? Give two instances of 

each class, and say how you would assign experimentally any given 
oxide to its proper class. (C.W\B.S.C.) 

9? Explain what is meant by the terms {a) acidic oxide, {b) basic 
oxide, and (<•) peroxide. Give one example of each. 

Describe two tests which distinguish peroxides from other oxides. 

(J.M.B.S.C.) 
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10. \XTiat are the four chief classes of oxides? Give owe example of 
each class. What chemical ditferences are there between the oxides ot 

metals and those of non-metals? • 1 .. . 

Describe how, starting with lead nitrate, you could ^ 

men (w) of lead, {b) of nitrogen. •) 

11. Mention four classes of oxides, stating the principal character¬ 
istics of each class. Give the formulae tor the following oxides : 
carbon monoxide, carbon dioxide cupric 

magnesium oxide, manganese dioxide. State the “ 

beings, and give in each case your reason for assigmng the oxide 

to its class, ^fention one other oxide in each of the four classes. 


tjhrary 
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CHAPTER Xn 

HYDROGEN 

Occurrence of hydrogen. Hydrogen occurs in a free state in 
the gases which issue from volcanoes, but the atmosphere con¬ 
tains only a trace of this gas, probably about one part in a million. 
The principal source of hydrogen is water, which contains one 
part by weight of hydrogen combined with eight parts by 
weight of oxygen. Hydrogen also occurs in combination with 
carbon in mineral oils (petroleum, etc.), and is present in 
nearly all animal and vegetable matter such as fats, coal, wood, 
peat, etc. It has been calculated that the outer ten miles of the 
earth s crust, including the ocean and atmosphere, contain about 
^ % t)f hydrogen, as contrasted with 50% of oxygen. 

Preparation of hydrogen. Hydrogen is usually prepared in 
the laboratory by the action of dilute sulphuric acid on zinc, 
Hxpt. 25, p. 146 : 

Zinc + sulphuric acid ^zinc sulphate + hydrogen 
Zn + H,SO, = ZnSO^ + H^ 

When a continuous supply of hydrogen is required the materials 
are placed in Kipp's apparatus. This consists of three glass globes. 
By C (Fig. 19). The top globe A is detachable and tapers off 
into a trunk, which fits into the neck of globe B and passes into 
the bottom globe C The granulated zinc is placed in the bottom 
of B before the globe A is put into position, and is prevented 
from falling into the bottom compartment by a ledge which is 

158 
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perforated to all9W the acid to flow in or out of B. The globe A 
is then pushed ipto position ; a gas-tight joint with B being 
ensured by smearing^a little vaseline round 
the top of the trunk. ^Dilute sulphuric acid 
(30%) is poured in^ the top globe A, and 
passes down the centre trunk into the bot¬ 
tom globe C ; the tap being opened to allow 
the air to escape. The acid is added until 
the zinc is covered in the globe B, and the 
tap is left open for two or three minutes to 
allow the hydrogen to displace the air in 
this compartment. ^X hen the tap is closed, 
the hydrogen which is being generated 
forces the acid out of the centre compart¬ 
ment and up the centre trunk into the top 
globe. The generation of hydrogen then 
ceases, and the apparatus can be left for an 
indefinite period without the materials deteri¬ 
orating. When the tap is turned on to give 

a further supply of hydrogen, the pressure is released and the 
acid again enters the middle compartment and attacks the zmc. 
It is advisable to add a little copper sulphate to the dilute acid, or 
to dip the zinc in a solution of copper sulphate before it is 
placed in the apparatus. The reason for doing this is that the 
copper sulphate interacts with the zinc according to the equation : 

CUSO4 + Zn = ZnSOj + Cu, 

and the resulting zinc-copper couple is more rapidly attacked by 
the cold dilute sulphuric acid than is ordinary granulated zinc. 
The zinc outlasts the sulphuric acid, which, when spent, is run 
out at the bottom by removing the plug in the bottom globe. 

C; fresh acid is then poured m at the top. 

Kipp’s apparatus is also used to prepare hydrogen sulphide 


Fig. 19. Kipp'$ 
apparaws. 
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and carbon dioxide, and sometimes also oxygen (p. 104), chlorine 
and sulphur dioxide, but large supplies of these gases are more 
ct)nvcniently obtained from the commercial cylinders or syphons. 
The chief advantages of Kipp’s apparatus arc that it gives an 
ever-ready supply of gas and is easily transported. The main 
disadvantage is that the materials have to be renewed constantly 
when a large quantity of gas is required. 

Hydrogen which is prepared by the action of sulphuric acid 
on zinc contains traces of several impurities, the chief of which 
is moisture, which can be removed by passing the gas through a 
U-tube packed with calcium chloride or phosphorus pentoxide, 
but concentrated sulphuric acid is not to be recommended as it 
reacts with the hydrogen to give traces of sulphur dioxide. The 
other impurities, such as arsine, AsHj, from the arsenic in the 
zinc, and hydrogen sulphide, HjS, from the reduction of the sul¬ 
phuric acid, are not worth removing as it is easier to prepare 
pure hydrogen in other ways. Thus a fairly pure specimen of 
hydrogen can be obtained by the action of dilute sulphuric acid 
on magnesium turnings : 

Mg +H 2 S 04 = MgS 04 + H2, 

or of a moderately strong solution of caustic soda on aluminium : 

zNaOH + 2AI + 2H2O = zNaAlOa + 5H2. 

The manufacture of hydrogen. Hydrogen is manufactured 
from water by : 

(i) Decomposing water with an electric current, when hydrogen 
is liberated at the negative pole and oxygen at the positive pole : 

zHjO ^zHg + 0,. 

Since pure water is a very poor conductor of electricity, a 20% 

V ^le is used instead, but the alkali 
remains unchanged after the electrolysis and it is the water 
which undergoes decomposition. The part played by the alkali 
in conducting the electric current and bringing about the 
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decomposition of the water is discussed on page 575. 

(ii) Blowing steam through red-hot coke at 1000 : 

The resulting mixture of carbon monoxide and hydrogen, known 
as Water Gas, is mixed with more steam and passed over a 
catalyst such as iron at 4°°°, the carbon monoxide is 

oxidised to carbon dioxide : 

H20-t-C0=C02 + H2. 

The carbon dioxide is then removed by washing the gas with 
water under pressure. 

(iii) Lane’s method of passing steam over iron heated in retorts 
to about 800®: 

4Hp + 5Fe = Fe304 + 4Hj. 

The oxide of iron is reduced back to iron by passing a stream of 
water gas over it, so that it can be used to decompose more 

steam: 

FcjO, +4CO = yFe + 4COj, 

Fe304 + 4H2 =3Fe + 4HA 

Reversible reactions. The last equation is the exact reverse 
of the equation given above for the action of steam on iron, and 
the two equations would therefore appear to be contradictory. 
They are, however, correct and represent what is termed a 
reversible reaction. Thus, when steam and iron are heated to a 
high temperature in a steel bomb, part of the steam remains un¬ 
decomposed because the hydrogen which is produced reacts 
with the oxide of iron to reform water and iron. The rate at 
which steam is decomposed by iron decreases as its concentration 
falls whilst the rate at which water is reformed by the action ot 
hydrogen on the oxide of iron increases as the concentration of 
the hydrogen increases. A position is eventually reached where 
the amount of water decomposed in a given interval of ume 
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equals exactly the amount of water which is being formed in the 
same interv'al. This stationary state is called the equilibrium pointy 
and the reaction is said to have reached equilibrium. When a 
reaction is reversible the “ equals sign in the equation is 
replaced by reversed arrows; hence the action of steam on iron 
is usually represented thus : 

4 H ^0 + 5Fe Fe304 +4H2. 

In Lane’s process a stream of steam is passed over the iron 
so that the hydrogen is swept away as fast as it is formed. The 
reaction therefore goes almost completely from left to right, 
because the hydrogen is not given a fair chance to reverse the 
process : 

3Fe + 4H2O -> FcgO^ + 4H2. 

Conversely, the oxide of iron can be reduced in a stream of 
water gas, because the steam is swept away as fast as it is formed. 

A reversible reaction may be likened to a man who is pumping 
water into a deep tank which has several small holes in the bottom. 
At the start, the man pumps more water into the tank than 
escapes out of the holes, so the level of the water rises. Now 
the pressure at the bottom of the tank increases with the depth 
of the water in it, so that the water is forced out through the 
holes at an ever-increasing speed, just as the reverse reaction 
speeds up. At the same time the man tires and his rate of pump¬ 
ing falls off, just as the rate of the forward reaction diminishes. 

Eventually, the rate at which water leaks from the tank is equal 
to that at which it enters the tank, and the depth of water 
remains stationary, i.e. the equilibrium point has been reached (pro¬ 
vided that the man’s rate of pumping is kept constant). If the 
holes are now sealed so that water cannot leak out of the tank, 
the man will be able to fill the tank. This illustrates the fact that 
a reversible reaction can be made to go to completion by remov¬ 
ing one of the products of the reaction, as in the Lane process, 
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where the stream of steam carries away the hydrogen as fast as 
it is formed : 

3FC -r4H20 FC3O4 -f 4FI2. 

If, instead of blocking the holes in the tank, the man was 
assisted bv a surficicnt number of men with pumps, the tank 
could be filled and kept full of water. This illustrates the tact 
that a reversible reaction can be made to go virtually to com¬ 
pletion by increasing the concentration of one of the reactants. 
Thus, in the blast furnace, iron oxide is reduced completely to 
iron by using a large excess of carbon monoxide : 

FcjOa + 5CO zFc -i- 5CO2, 

■ otherwise the reduction would not be complete: 

Fe^Og 4- 5CO aFe 3CO2. 

The position of an equilibrium is also affected by the tempera¬ 
ture ; a rise in temperature assisting the reaction which absorbs 
heat. Thus the percentage of steam decomposed by iron falls 
off as the temperature is raised, because the reverse reaction is 
assisted as it absorbs heat: 

FcaO., +4H2-> 3Fe -I-4H2O -heat. 

Properties of hydrogen. Hydrogen is a colourless and odour¬ 
less gas, which is almost insoluble in water, only 2 volumes dis¬ 
solving in too volumes of water at 8°. It is the lightest gas 
known, having less than one-fourteenth the density of air under 
similar conditions. 

The outstanding chemical characteristic of hydrogen is its 
affinity for oxygen. Thus pure hydrogen burns in air with an 
almost colourless flame, and a mixture of hydrogen and oxygen 
explodes violently when ignited : 

The product of combustion can be condensed and collected by 
means of the apparatus in Fig. 21, p. 154» and shown to be water by 
the usual tests (p. 153). 


F 


C.C. I 
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The affinity of hydrogen for oxygen is also illustrated by the 
fact that some metal oxides, such as copper oxide and lead oxide, 
give up their oxygen when heated in a stream of hydrogen : 

CuO+Hj^Cu + HA 
Pb0 + H, = Pb + H20. 

Since the removal of oxygen from a substance is described as 
reduction^ the copper and lead oxides are said to be reduced^ and 
the hydrogen is called a reducing agent. 

The reduction of iron oxide, Fe304, is reversible : 

FC3O4 +4H2 5Fe + 4H2O, 

whilst the oxides of sodium, potassium, calcium, magnesium, 
zinc and aluminium are too stable to be reduced by the gas even 
at high temperatures. 

Hydrogen will burn in chlorine to give hydrogen chloride, 

H2 + Cl2 = 2HCI, 

but in other respects it is not a very reactive substance because 
it is without action on many elements and the majority of 
compounds. 

Nascent hydrogen. The reducing power of. hydrogen is 
considerably enhanced when it is generated in contact with the 
substance to be reduced. Thus a solution of ferric chloride, 
FeClj, is unaffected when hydrogen is bubbled into it from a 
generator containing zinc and sulphuric acid. If, however, the 
zinc and sulphuric acid are placed in direct contact with the ferric 
chloride, the latter is reduced to ferrous chloride according to 
the equation : 

Ferric chloride + hydrogen = ferrous chloride + hydrochloric acid 
2FeCl3 + — zFeClj + 2HCI 

This reaction is described as a reduction^ because ferric chloride is 
derived from the basic oxide, ferric oxide, Fe^Og, whilst ferrous 
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chloride is formed from the lower oxide, ferrous oxide, FeO; 
thus : 

FeP3+ 6 HC 1 = 2FeCl3+ 3H2O 
FeO +2HCU Fea2+ H.p 
Hydrogen generated in situ is called nascent hydrogen (from the 
Latin na/cens = being born), and its superior reducing power was 
formerly attributed to the fact that it was in the atomic state, i.e. 
it was supposed that the hydrogen was first liberated as free 

atoms: ^ ^ 2 ;nSO, + 2H, 

which instead of combining to form molecules of hydrogen, 

2H=H2, 

attacked the reducible substance. The theory is plausible on 
the ground that atomic hydrogen is known to be very much more 
active than ordinary hydrogen, but it is probably incorrect as the 
reducing power of nascent hydrogen varies according to the 
method by which it is prepared. Another theory is that nascent 
hydrogen consists of molecules of hydrogen, which are loaded 
with part of the energy of the reaction by which they are produced. 
Different reactions yield molecules of hydrogen with different 
energies of activation, hence the variation in reducing power. 

Uses of hydrogen. Until the present centur>' the manufac¬ 
ture of hydrogen was of little importance to industry. Small 
quantities of the element were used for filling balloons and for 
the oxy-hydrogen blow-pipe flame. Now, however, the produc¬ 
tion of hydrogen is of considerable importance in the manufac¬ 
ture of a wide variety of products. Thus, the oil from soya 
beans, etc., is made to combine with hydrogen to give solid fats 
for the production of margarine ; nitrogen is made to combine 
with hydrogen to form ammonia, NH3 (p. 317), for the manu¬ 
facture of ammonium sulphate, (NH4)2S04, and nitric acid, 
HNO3; and finally, enormous quantities of hydrogen are being 
used in the production of synthetic petrol from coal, and in the 
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manufacture of a wide range of other compounds of carbon, 
such as methyl alcohol, CHaOH. 

HISTORICAL NOTES 

Van Ilclmont, 1577-1644, who invented the name gas (Greek: 
chaos = empty space), recognised two classes of gases, namely, Gas 
Sylvestre and Gas Pingle. The former, which was poisonous and 
extinguished a candle flame, he detected as a product of the combustion 
of charcoal {sylvestris = of the woods) and the fermentation of beer and 
wines, etc. The latter, which was inflammable was found to be 
liberated when dung fermented or when organic matter was distilled, 
etc. Van Helmont made no attempt, however, to distinguish be¬ 
tween the various inflammable gases, or between one poisonous gas 
and another. Moreover he did not consider that gases could be col¬ 
lected in vessels. 

Although it had been known since about the beginning of the 
Christian era that metals dissolve in dilute acids, Boyle was probably 
the first person to collect hydrogen by placing steel filings in the mouth 
of a bottle of hydrochloric acid, which was inverted in a trough of 
water. He noted that the gas displaced the acid out of the bottle and 
that it was inflammable. The properties of this gas, however, were 
not investigated until a centur)' later, when Cavendish measured its 
density and showed that it burnt to water. He called it Inflammable 
Air, though he was prepared to believe, like Priestley, that it was pure 
phlogiston. The name, Hydrogen, we owe to Lavoisier, who de¬ 
rived it from the Greek words, = water, and = beget. 

EXPERIMENTS 

Expt. 25. To prepare hydrogen and examine its properties. 

Place some granulated 2inc in a 600 c.c. flat-bottomed flask, and fit 
the latter with a thistle funnel and deliver)’ tube leading to a trough of 
water, as depicted in the diagram (Fig. 20). Pour dilute (20%) sul¬ 
phuric acid down the thistle funnel until the end of the tube is 
immersed, and add a few drops of copper sulphate to speed up 
the reaction between the acid and metal. The gas which is first 
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expelled from the apparatus consists largely of air, and should be dis¬ 
carded until a specimen of it, collected over water, burns without 
exploding. Collect jars of the gas and examine (i) its colour, smell 
and density relative to air—suggest your own experiment for the 
latter; (ii) the elfect ot plunging a lighted taper into the centre of an 
in^•erted jar of the gas ; note what happens to the gas and to the 
taper; (iii) its action on litmus paper and lime-water. 



Now remove the delivery tube from the trough and dry the end with 
filter paper before lighting the hydrogen issuing out of it. Place the 
burning jet of hydrogen against the side of a test tube, which is full 
of cold water but dry on the outside. Identify the product which is 
condensed by noting its action on anhydrous copper sulphate. 
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QUESTIONS ON CHAPTER XII 

1. How would you prepare and collect hydrogen {a) by the action 
of a metal on an acid, {b) from steam? In each case describe one experi¬ 
ment you have seen or performed. 

State three of the principal physical properties of the gas and name 
two of its important uses. (J.M.B.S.C.) 

2. Describe the preparation of hydrogen on a large scale. 

Three grams of water are treated as follows: (a) passed in the form 
of steam over red-hot magnesium, {b) acted upon by sodium. What 
volume of gas (calculated at n.t.p.) is produced in each case? 

(C.S.C.) 

3. Describe briefly how hydrogen can be obtained from (a) pure 
water, {b) dilute sulphuric acid, (<•) caustic soda solution. 

Indicate by means of simple diagrams two methods for collecting 
samples of the gas in gas jars. (O. and C.S.C.) 

4. Write a short account of one method of obtaining hydrogen on 

a commercial scale. For what purposes is this gas made in large 
quantities? (O.S.C.) 

5. What is a reversible reaction} Describe how you would show 

experimentally that any one reaction is reversible? How is the reversi¬ 
bility affected by the relative quantities of the various substances 
present? (L.M.) 

6. When steam is passed over red-hot iron, iron oxide and hydrogen 

are said to be formed. Describe how you would check the truth of 
this statement experimentally. Give full details and diagram of any 
apparatus you would use for the purpose. (J.M.B.S.C.) 

7. What do you understand by the term “balanced action”? 

Give two examples, and describe how you would show that the 
reactions which you select are “ balanced actions ”. (O.S.C.) 

8. Explain carefully what you understand by (a) nascent hydrogen, 
(b) reversible reaction. Describe an experiment which you have seen 
to illustrate (a) or (b). 
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WATER 

Occurrence. In the free state, natural waters occur as follows: 

{a) Rain-water. The water vapour of the atmosphere con¬ 
denses on cooling to Rain, Hail or Snow. Rain-water, the 
purest variety of natural waters, contains traces of dissolved 
oxygen, nitrogen and carbon dioxide, together with minute 
quantities of “ fixed ” nitrogen, such as ammonium nitrate, 
NH4NO3, nitric acid, HNO3, etc., which have been formed by 
electrical disturbances in the atmosphere. In industrial regions 
the rain-water will also be contaminated with soot and oxides of 
sulphur from the combustion of coal in fires and furnaces. 

{b) River-water contains additional impurities which have been 
dissolved or carried in suspension from the surface of the country¬ 
side. The dissolved material usually consists (in descending order 
of importance) of the bicarbonates, sulphates and chlorides of 
calcium, magnesium, sodium and potassium, whilst the sus¬ 
pended matter consists of fine particles of sand and clay together 
with the organic remains of animal and vegetable life ; there is 
also a multitude of bacteria, infusoria and other low forms of 
life. The oxygen in the water is used up by the decay of the 
organic matter, and if this is supplemented by the discharge of 
sewage into the river, the oxygen content may fall to a point at 
which fishes are unable to live in the water. 

(r) Spring-water and deep well water differ from river water 
owing to filtration through porous strata, which removes nearly 
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all the suspended material, bacteria, etc., and increases the 
mineral content. 

{d) Sea-watcf accumulates the soluble mineral matter which is 
carried down by the rivers, but the suspended matter is deposited 
near the mouth ot the river, sometimes in the torm of a delta. 
Sea-water contains about 3*6‘^o by weight of dissolved salts, the 
chief of which is sodium chloride, 2*6%. The remaining 
includes the chlorides, sulphates, carbonates and bromides, etc., 
of potassium, magnesium, calcium and iron, etc. The concentra¬ 
tion of the potassium salts is less than ^th of that of the sodium 
salts, in spite of the fact that these two elements occur in roughly 
equal quantities in igneous rocks, the original source of all 
mineral matter. This wide divergence is attributed to the fact 
that soils preferentially absorb potassium salts, which are essen¬ 
tial to the growth of vegetable matter. It is also worth noting 
that the chief salts in the majority of river-waters, viz. the bicar- 
bonates of calcium and magnesium, are displaced from priority 
in sea-water by sodium chloride and the sulphate radical. This 
inversion is probably due to the deposition of enormous quan¬ 
tities of chalk, CaCO^, and dolomite, CaC03,MgC03, in the 
bottom of the oceans. 

(e) Mineral waters contain traces of special impurities to which 
medicinal properties are attributed. Thus the medical value of 
the waters of Bath and Buxton are due to traces of radium emana¬ 
tion, whilst those of Harrogate contain a little hydrogen sulphide. 

Water for domestic and industrial use. The water for 
domestic and industrial purposes is obtained from lakes, rivers 
and deep wells. The suspended matter in lake- and river-water 
can be removed by filtration through beds of sand. When river- 
water is used it is often pumped into large reservoirs, where a 
preliminary deposition of suspended matter takes place before 
the water is filtered through sand. Glasgow is supplied with 
water from Loch Katrine. 



TEMPORARY AND PERMANENT ]IARDNESS 15 I 

Hardness of water. Water which will not lather easily with 
soap is said to be bard. This effect is due to the presence of cer¬ 
tain salts, more usually the bicarbonates and sulphates of calcium 
and magnesium, which react with soap precipitating it as an 
insoluble curd. The chief constituents of soaps are the sodium 
and potassium salts of certain organic acids (see p. 667, Part Ill, 
for the manufacture of soap), but as these salts behave in the 
same way towards hard water, we arc going to refer to soap as 
sodium stearate (the chief constituent of ordinary soap), and re¬ 
present it by the formula NaSt, where St stands for the stearate 
radical C,7H;^COO. Now when sodium stearate is added to 
water containing salts of calcium or magnesium, a double de¬ 
composition takes place and calcium or magnesium stearate is 

precipitated : ^ ^^Na,SO,. 

The soap is therefore removed and prevented from fulfilling its 
normal function until all the calcium, magnesium and iron have 
been precipitated. There arc two types of hardness : 

{a) Temporary hardness. Hardness v.’hich is caused by the 
bicarbonates of calcium and magnesium is called temporary 
hardness, because it can be removed by boiling, the bicarbonates 
being decomposed and precipitated as carbonates, e.g. : 

Ca(HC 03)2 = CaC03 -h CO^ + H 2 O. 

Temporary hardness is usually removed by Clark’s method of 
adding the calculated quantity of slaked lime, when calcium 
carbonate and magnesium hydroxide are precipitated : 

Ca(OH)2 + Ca(HC03)2 = aCaCOs -i- aH^O, 
Mg(HC 03)2 + 2Ca(OH)2 = Mg(OH)2 aCaCOg -h zH^O. 

A large excess of lime must be avoided, otherwise the last state 
of the water may be worse than the first I Temporary hardness 
can also be removed by any of the methods given below. 
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(b) Permanent hardness. Hardness which cannot be removed 
by boiling is described as permanent hardness, and is usually 
caused by the sulphates of calcium and magnesium, but any 
soluble metallic salt, other than those of sodium and potassium 
and the above bicarbonates, will make water permanently hard. 
This type of hardness, and also temporary hardness, can be 
removed by either adding sodium carbonate to precipitate the 
carbonates of calcium, etc. : 

CaSO^ +Na2C03 = CaC03 ^-NaaSO^, 

or by the Cans permutite process. In this process the hard water 
is allowed to flow over permutite, a hydrated sodium alumi¬ 
nium silicate, which readily exchanges its sodium for calcium, 
magnesium, etc.; i.e. the calcium and magnesium salts in the 
water are replaced by the corresponding sodium salts, as repre¬ 
sented by the following equation : 

zNaPm 4- CaS04 Ca(Pm)2 + NagSO^, 

where NaPm stands for permutite. When the permutite is 
exhausted, it is revived by soaking it in a strong solution of 
brine, which replaces the sodium : 

Ca(Pm)2 + aNaCl -> zNaPm + CaClj. 

The reactions represented by these equations are therefore 
reversible, but proceed in the direction indicated by the arrows, 
because the conditions are favourable. The driving of a rever¬ 
sible reaction in any one direction has already been discussed 
under Lane’s process for the manufacture of hydrogen (p. 142), 
where it was stated that an excess of one of the reactants on one 
side of the equation tended to drive the reaction in the other 
direction. 

The permutite process was first used for softening domestic 
water supplies, but its application to industry is becoming in¬ 
creasingly important, in spite of the following disadvantages : 
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(i) The process is not continuous^ a period of restoration being 
required. 

(ii) About 10% of the water is wasted in washing the restored 

permutite free from adhering brine. 

(iii) The softened water contains salts, which, although not 
injurious to soap, cause “ priming ” in steam boilers, i.e. the 
steam carries over water spray with it. 

Apart from wastage of soap, the principal disadvantage of using 
hard water is the scaling which it causes in steam boilers. Tem¬ 
porary hardness forms a loose scale of carbonate which is easily 
removed, but permanent hardness deposits a hard layer of calcium 
sulphate on the heating surfaces of the boiler and diminishes even 
more seriously its heating efficiency, as well as being more 
difficult to remove than the carbonate scale. 

Measurement of hardness. The degree of hardness of water 
is expressed in terms of the hardness which is produced by one 
part of calcium carbonate in 100,000 parts of water. Thus water 
of 10 degrees of hardness contains 10 parts of calcium carbonate 
(or its equivalent) in 100,000 parts of water. A rough method 
for measuring temporary and permanent hardness is described in 

Expt. 28, p. 169. 

The composition of water. Water was shown to be an 
oxide of hydrogen by the experiments of Cavendish and Lavoisier, 
which are described at the end of the chapter. As a laboratory 
exercise it is easy to show by means of the apparatus depicted in 
Fig. 21 that water is formed when hydrogen burns in air. The 
hydrogen is generated in Kipp’s apparatus (not shown in figure), 
and is dried with calcium chloride before it is burnt at the jet. 
The water vapour is condensed by impinging the flame on the 
side of the retort, which is kept cool by running a stream of cold 
water through it. The condensed liquid drips into the beaker, 
and can be shown to contain water by the fact that it turns 
anhydrous copper sulphate from white to blue; that it is pure 
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water can be established by measuring its freezing point, boiling 
point and density. This experiment furnishes ven' strong evid¬ 
ence for thinking that water is a compound of hydrogen and 



Fig. 21. The synthesis of water. 


oxygen, since hydrogen will not burn in air freed from oxygen by 
the action of alkaline pyrogailol. 

The same conclusion is reached when steam is passed over red- 
hot iron turnings in an iron tube, because a gas identical to 
hydrogen collects in the gas jar (Fig. 22), and the residue in the 
tube can be shown to be an oxide of iron by the fact that it gives 
iron and carbon dioxide when heated with carbon in a silica test 
tube; 

Iron oxide + carbon=iron + carbon dioxide. 

The formula of water. The formula of water can be estab¬ 
lished from measurements of the vapour density and composition 
by volume of steam. Thus the vapour density of steam is found 
to be 9, indicating a molecular weight of 9 x 2 = 18. Since the 
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oxygen atom weighs i6 units, it follows that a molecule of steam 
is probably H^O (i x2 + i6 = i8). This is confirmed by the 
volumetric composition of steam, which can be measured as 
follows. 

A mixture of two volumes of hvdrogen and one volume of 
oxygen is confined over mercury in the right-hand graduated 



Fic. 22. Dccomposicion of secam by red-hot iron. 


limb of a Eudiometer, which is fitted with a vapour jacket 
(Fig. 25, p. 156). This is done by first filling the limb with 
mercury, and then adding the gases via a delivery tube with a 
piece of stout rubber tubing at its end, so that it can be pushed 
round the bend at the bottom of the eudiometer. The mixture 
of oxygen and hydrogen is then heated to about 132° by passing 
the vapour from boiling amyl alcohol into the outer jacket. A 
temperature above 100° is required so that the volume of steam 
can be measured. 

When the gas ceases to expand inside the eudiometer, in¬ 
dicating that its temperature is constant, its volume is read ; 
the mercury in both limbs having been first adjusted to 
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the same level (why?). The gaseous 
sparking across the platinum terminals. 


of the eudiometer should be 


Jo induction Co*! 



Fig. 23. Volumetric composition 
of steam. 


Hence by Avogadro : 


mixture is then exploded by 
(iV.B.—The open end 
corked, otherwise mercury might 
be shot out by the force of the 
explosion.) After the mercur>' 
has been adjusted to the same 
level in each limb, the volume of 
the resulting steam is read. The 
burner under the amyl alcohol 
vapour generator is then shut off 
so that the steam condenses to 
water in the eudiometer—the 
mercury should rise almost to the 
top of the closed limb: if it 
doesn’t it means that either the 
hydrogen and oxygen were not 
present in the right proportions, 
or else the explosion of the mix¬ 
ture was not complete. When 
this happens it is advisable to repeat 
the experiment. The measure¬ 
ments should show that: 

2 volumes hydrogen + i volume 
oxygen = 2 volumes steam. 


in mols. hydrogen+// mols. oxygen = 2;; mols, steam, 
i.e. 2 mols. hydrogen + I mol. oxygen = 2 mols. steam. 

But the molecules of hydrogen and oxygen are known to be 
hi 2 and Oj (p. 76), hence : 

aHj + □2 = 2 mols. steam ^aHgO. 

One molecule of steam = H2O. 
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Although the above experiment establishes that the mole¬ 
cules of steam can be represented by the formula HgO, it does 
not follow that the molecules of liquid water are the same : on 
the contrary, experimental evidence suggests that water is a 
mixture of more complex molecules (H20)2,(1^20)3, etc., but for 
convenience water is represented by the simple formula H2O. 

The fact that water is formed by the union of two volumes of 
hydrogen with one volume of oxygen can be confirmed by 
electrolysing dilute sulphuric acid in the apparatus depicted in 
Fig. 75, p. 367. Two volumes of hydrogen collect in the limb 
above the negative pole for every one volume of oxygen in the 
other limb. Titration of the residual liquid with a standard 
alkali proves that none of the acid has been used up, so that the 
oxygen and hydrogen must have come from the water. 

Finally, mention may be made of the fact that the composition 
of water by weight is in accord with the formula H2O. Thus 
Expt. 27, p. 168. shows that i gram of hydrogen combines with 8 
grams of oxygen, whence the atomic proportions are : 

atoms of hydrogen = i = 1 > 
atoms of ox}'gen = 

The empirical or simplest formula is thus Hfi- 

Physical properties of water. Pure water is a colourless 

liquid which freezes to ice at 0° C., and boils at 100'^ C. under 
atmospheric pressure. It has a maximum density of i gram per 
c c at 4° C and this is why ponds, lakes, etc., freeze from the 
top downwards. As a solvent water is quite unije. Thus 
most acids, many bases, and a large number of metallic salts dis¬ 
solve readily in it, as do also a wide range of orgamc compounds. 
Water is, in fact, such a good solvent that it is extraordinarily 

difficult to prepare it in a very pure state. ■ ^ , 

Chemical properties of water. One of the most irnportant 
chemical properties of water is its action on metals. Thus cold 
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water attacks sodium and potassium violently, giving an alkali 
and hydrogen : 

zNa + zH^O = H2 + zNaOH (sodium hydroxide), 
zK -r zMoO =112 -r zKOH (potassium hydroxide). 

The reaction with calcium is similar, but much less vigorous : 

Ca + zH^O = H2 + Ca(OH)2 (calcium hydroxide). 

Magnesium and zinc arc virtually unattacked by cold water, 
but will burn when heated in steam : 

Mg^-HaO^Hj + MgO, 

Zn +H20=:H2 + Zn 0 . 

The reaction with red-hot iron has already been discussed (p. 
141), and is of particular interest because, unlike the above 
reactions, it is reversible : 

5 Fe + 4H 2O ^ Fe^O., + 4H o. 

Water and steam are without action on metals such as copper, 
mercury and silver. This behaviour, and the action of water on 
metals in general, is discussed again in Chapter XXVIII, p. 584. 

Water unites with most acidic oxides and with some basic 
oxides to form acids and alkalis respectively, c.g.: 

SO2 + H2O (sulphurous acid), 

CaO + HoO = Ca(OH)2 (calcium hydroxide). 

It also unites with many salts to form hydrates, e.g. with 
copper sulphate it forms a pentahydrate, CuSOj.sHaO, and with 
sodium carbonate a decahydrate, NaaCOg.ioHaO. Since hy¬ 
drated salts are formed by crystallising from water under suitable 
conditions, the combined water is described as water of crystal¬ 
lisation. 

Finally, one of the most interesting properties of water is its 
catalytic activity. Thus many reactions do not take place in the 
absence of moisture, e.g. dry carbon monoxide will not burn in 
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dry oxygen, and sodium can be melted in dry chlorine without 
burning to sodium chloride : 

Up 

aCO^O.-2CO2, 

11,0 

aKa --O. -aNaCl. 

Hygroscopy, deliquescence and efflorescence. Any sub¬ 
stance which absorbs moisture from the air is said to be hygro¬ 
scopic. Glass is hygroscopic, as can be shown by heating a test 
tube to dryness and leaving it exposed to the air for a tew hours ; 
on reheating the lower part of the test tube, moisture is driven 
off and condenses in the cool upper part of the tube. When a 
solid substance absorbs so much water that it turns into a liquid, 
it is said to be deliquescent ; c.g. calcium chloride and phos¬ 
phorus pentoxide arc deliquescent because they turn to liquids 
on exposure to moist air. The explanation of deliquescence is 
fairly simple : the vapour pressure of all liquids is lowered by 
dissolving a substance in them, and the lowering of the vapour 
pressure is roughly proportional to the quantity of substance dis¬ 
solved If therefore, a very soluble substance is placed in con¬ 
tact with the air, the condensation of a little moisture on it will 
yield a saturated solution which may have a water vapour pres¬ 
sure less than that in the air. When this occurs, more water 
vapour condenses until the whole of the substance has been dis¬ 
solved and diluted to such an extent that the water vapour pres¬ 
sure of its solution is equal to that of the atmosphere. Deliques¬ 
cent substances are therefore very soluble in water. 

On the other hand, substances which lose water on exposure 

to the air are said to be efflorescent, e.g. washing soda, 

Na 2 C 03 ,ioH 20 , 

effloresces on exposure to the air to give the monohydrate, 
NagCO^-HjO. Efflorescence takes place when a hydrate has a 
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water vapour pressure which is greater than that of the water 
vapour in the air. Efflorescence, as in the case of deliquescence, 
depends upon the condition of the atmosphere, as well as on the 
nature of the substance. Thus crystals of hydrated calcium 
chloride, CaCl2,6H20, are normally deliquescent, but sometimes 
in the very cold weather of a Canadian winter, when most of the 
moisture has been frozen out of the atmosphere, they become 
efflorescent. 


HISTORICAL NOTES 

Water an oxide of hydrogen. Water was one of Aristotle’s four 
elements, and its composite nature was not suspected until towards 
the close of the eighteenth century. 

One afternoon in 1781 Priestley exploded a mixture of air and 
hydrogen * in a glass vessel to “ entertain ” a few philosophical 
friends. At the end of the experiment it was noted that the inside of 
the glass globe was covered with dew, which Priestley supposed had 
been formed by the condensation of water already in the air. Priesdey 
and his friend Warltire repeated the experiment, using a copper globe, 
and noted a slight loss in weight, which they attributed to loss of heat. 
This observation attracted the attendon of Cavendish, who repeated 
the experiment several dmes with different propordons of air and 
hydrogen, but was unable to detect any alteradon in the weight of the 
globe after the explosion. Like Priestley, however, he noted that: 
“ In all the experiments, the inside of the glass globe became dewy 
. .. ; but not the least sooty matter could be perceived. The better 
to examine the dew, 500,000 grain measures of inflammable air 
(= hydrogen) were burned with about two and a half dmes that 
quandty of common air, and the burnt air made to pass through a 
glass cylinder eight feet long and three quarters of an inch in diameter, 
in order to deposit the dew.... By this means upwards of 155 grains 
of water were condensed in the cylinder, which had no taste or smell, 

* This gas was known as " inflammable air ” until after the composition of water 
had been elucidated, it was then renamed hydrogen by Lavoisier (Gk. budor=-vitcx 
beget). * 
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and which left no sensible sediment when evaporated to dryness ; 
neither did it yield any pungent smell during the evaporation ; in 
short, it seemed pure water.” 

In another set of experiments Cavendish sparked hydrogen 
with oxygen in a globe, and found that pure water was obtained 
when the hydrogen was in excess, but that the water was acidic 
when an excess of oxygen was used. He therefore delayed pubUsh- 
ing his results until he was able to show that this acidity was due 
to the oxidation of nitrogen, an impurity in his oxygen. He was 
then able to assert with complete confidence that water was a 
compound of “ inflammable air ” ( = hydrogen) and “ dephlogisticatcd 

air”(=oxygen). •• r . 

Whilst Cavendish was experimenting on the composition ot watci, 

Lavoisier had also been investigating the product that was formed by 
burning hydrogen. By analogy with the burning of phosphorus and 
sulphur he had expected the product to be acidic, but no trace of 
acidity could be detected. When, however, he met Blagden, Caven¬ 
dish’s assistant, in Paris, and heard of Cavendish’s results, he realised 
immediately that water must be an oxide of hydrogen. He therefore 
burnt hydrogen and oxy-gen in a bell jar over mercury and collected 
half an ounce of pure water. W'ithout acknowledging the information 
he had received from Blagden, he thereupon announced that water 
was a compound of oxygen and hydrogen. Moreover, he wrongly 
claimed that he had shown that the weight of the water was equal to 
the weight of the oxygen and hydrogen that had been burnt. 

Although Lavoisier published his results before Cavendish (the 
latter dela^dng publication to elucidate the cause of the acidity of the 
water), it is generally agreed that Cavendish’s work deserves priority, 
but we are indebted to Lavoisier for the modern names of hydrogen 
(p. 160) and oxygen (p. 116). In addition, Lavoisier was the first to 
sLw (1784) that hydrogen could be prepared by removing oxygen 
from water. He accomplished this by passing steam through a red-hot 


* According ™ 

the reader is referred to Partington’s P. C..- 

position of Water. 
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Fig. 24 . Lavoisier’s apparatus for dccomposinj; steam in a red-hot gun barrel. 
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gun barrel (Fig. 24). Hydrogen was collected in the bell jar on the 
right, and at the end of the experiment the gun barrel was cut open 
and found to be covered with lustrous black crystals of magnetic 
oxide of iron (FcoO^), thereby confirming that water is an oxide of 
hydrogen. _ , 


The volumetric composition of 
water. Cavendish, in 1781, mixed 
known volumes of oxygen and hydro¬ 
gen in a glass jar over water, and then 
led the mixture into an evacuated glass 
globe (Fig. 25) (“furnished with a brass 
cock, and an apparatus for firing by 
electricity ”), where it was exploded. At 
the end of the experiment the excess of 
oxygen was measured and the combining 
ratio deduced to be, 

hydrogen : oxygen = 201 : too by volume, 

which is surprisingly accurate in view of 
the crudeness of Cavendish’s apparatus 
and the fact that no attempt was made 
to dry the gases. The ratio was approxi¬ 
mately confirmed by Gay-Lussac and 
others early in the nineteenth century. 

Scott, in 1895, more than a century 
after Cavendish’s work, exploded mea¬ 



sured volumes of very pure oxygen 

(from silver oxide) and hydrogen (from steam and sodium) in a 
eudiometer and obtained the ratio : 


hydrogen : oxygen = 200-285 : 100 by volume, 

which is in close agreement with Motley’s value (1895) : 

/^drogen : oxygen = zoo'zG^ ; 100 by volume. 

Morley prepared a mixture of hydrogen and oxygen by passing an 
electric current through ice-cold dilute potash (only the water is de¬ 
composed. cf. NaOH, p. 373 ). »nd coUected the gas in three large glass 
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Fig. 26, Dumas’ apparatus for determining the composition of water. 
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globes of known capacity. The density of this mixture was then cal¬ 
culated from the loss in weight of the electrolytic apparatus, and its 
composition by volume deduced from the known densities of hydro¬ 
gen and oxygen. The ratio so obtained was corrected by exploding 
the electrolytic gas in a graduated vessel and measuring the small 

excess of hydrogen that remained. 

The gravimetric composition of water. Berzelius and Dulong, 

in 1820, determined the composition of water by weight by passing 

hydrogen over heated copper oxide, 

Cu0 + H2=Cu+H20. 

The weight of the oxygen was measured by finding the loss in weight 
of the copper oxide, and the weight of the hydrogen was deduced by 
subtracting the weight of the oxygen from the weight of the water 
that had been condensed. The following ratio was obtained : 

oxygen hydrogen = 8'Oi : i. 

Dumas, in 1843, repeated this experiment on a very large scale (Fig. 
26). Hydrogen was prepared by the action of dilute sulphuric -acid 
on zinc, and purified by passing through seven U-tubes, each a metre 
in height. The purifying agents, which were distributed over glass 
or pumice to provide a large area of contact, were as follows : 

(]) lead nitrate solution to remove hydrogen sulphide. H2S ; 

(2) silver sulphate solution to remove arsine, AsH^; 

(5) potash (three tubes) to remove acid vapours ; 

(4) sulphuric acid cooled in ice, or phosphorus pentoxide, to remove 
moisture. 

The copper oxide was weighed in a big evacuated bulb provided 
with a beak one metre in length, to assist in the condensation of the 
water. When the air in the apparatus had been displaced by hydrogen, 
the copper oxide bulb was heated by a spirit lamp and the stream of 
hydrogen passed through it for 10 to 12 hours. The resulting water 
was collected in a weighed globe and drying tubes similar to those 
used for drying the hydrogen, whilst the unchanged hydrogen was 
allowed to escape via the trap at the end, which was filled with sul- 
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phuric acid. In nineteen experiments Dumas collected about one 
kilogram of water (50 grams per experiment) and found the ratio : 

oxjgtn : hydrogen = 7*98 : i. 

The principal defect of this method was that the weight of the 
hydrogen was not obtained directly, but was deduced by subtracting 
the weight of the oxygen from the weight of the water. Thus, since 
the weight of the oxygen is approximately eight times the weight of 
the hydrogen, a small percentage error in weighing the former would 
be enhanced eight times in the deduced weight of the hydrogen ; 
assuming, of course, that no compensator)’ error was made in weigh¬ 
ing the water. In addition, Dumas did not obtain pure hydrogen in 
spite of his precautions ; for instance, hydrogen interacts slightly with 
concentrated sulphuric acid, which was used in some of the experiments 
for drying the gas. It is not surprising, therefore, that more recent 
work has shown that Dumas’ oxygen ratio is approximately too 
high. 

Morley, in 1895, redetermined the gravimetric corr.position of 
water with extraordinary care and accuracy, and his work has become 
one of the classics of scientific literature. His method consisted in 
burning known weights of verj' pure oxygen and hydrogen in a closed 
combustion tube, and weighing the water formed. A novel method 
of weighing the hydrogen was adopted by absorbing the gas in 
a tube (Fig. 27) packed with palladium, which is remarkable for 



FiC. 27. Morlcy’s palladium tube for weighing hydrogen. 


the fact that at ordinary temperatures it absorbs several hundred times 
its own volume of this gas. The palladium tube was weighed “ full ” 
of hydrogen, and again at the end of the experiment when the requisite 
quantity of hydrogen had been expelled by heating the tube. The 
oxygen, which was prepared by heating potassium chlorate or electro- 
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lysing sulphuric acid, was contained in large 20-litre glass globes, 
which were weighed before and after the experiment in a cupb(jard to 
avoid draughts, and with a countcrjtoise globe 
on the other arm of the balance to neutralise 
variations in the buoyancy ot the air. 

The oxygen and hydrogen were led through 
drying-tubes, bb (Fig. 28), to a combustion-vessel 
with two jets, aa, and a pair of wires, tor 
a spark to ignite the gas. During the combus¬ 
tion the upper part of the tubes was surrounded 
with cold water and the lower part with a freezing 
mixture. The water formed by the burning of the 
oxygen and hydrogen at the jets was thereby 
condensed in the tube, which was then exhausted 
and weighed again to obtain the weight of water 
that had been formed. The drying-tubes, bb^ were 
packed with phosphorus pentoxide to prevent loss 
of water vapour on exhaustion. The residual 
gases were pumped out of the tube and estimated, 
so that the actual weight of hydrogen and oxygen 
burnt was obtained. The mean of twelve experi¬ 
ments,, in which a total of over 400 grams of 
water were produced, gave the following ratio : 

oxygen : hydrogen : i, 

which closely agreed with the ratio : 

oxygen : hydrogen = 7*9595 • ^ F'C. 28. Motley’s 

combustion tube. 

which Moricy deduced from his work on the 
volumetric combination and densities of hydrogen and oxygen. 

EXPERIMENTS 

Expt. 26. To detect efflorescence and deliquescence. 

Place some zinc chloride, phosphorus pentoxide, Epsom salts and 
washing soda on four watch glasses, then label and weigh each speci¬ 
men before putting them away in a well-ventilated cupboard. After 
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three or four days examine the products on the watch glasses and re¬ 
weigh them. Record all the changes which you have observed and 
try to draw conclusions. 

Expt. 27. The composition of water by weight. 

The apparatus depicted in Fig. 29 is fitted up. The U-tubes A, B, 



C are filled with calcium chloride, and B and C are weighed together 
(having first been filled with pure hydrogen because they will be 
finally weighed full of this gas), clips having been placed at X and Y 
to prevent the absorption of moisture from the atmosphere. A 
small boat is weighed with about four grams of freshly ignited copper 
oxide, and then placed in the hard glass tube, which has been pre¬ 
viously heated in a current of air to remove moisture. 

Hydrogen (from Kipp’s apparatus), is passed at the rate of about two 
bubbles per second through a wash bottle, containing dilute caustic 
soda to remove acid spray, and then through the U-tube, A, con¬ 
taining calcium chloride to remove moisture. The copper oxide is 
heated with the fish-tail burner when the hydrogen has been flowing 
through the apparatus for five minutes : in this way most of the air 
will have been driven out of the apparatus, and very little water will be 
formed by the union of atmospheric oxygen with hydrogen. 

When the copper oxide appears to be reduced, the burner is moved 
so that any moisture condensed in the cool end of the tube is 
vaporised and driven into the calcium chloride tubes. The burner 
is then turned out, and when the tube has cooled, the boat is removed 
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and reweighed. The loss in weight of the latter represents the weight 
of the oxygen, x grams, whilst the gain in the weight of the U-tubes 
B and C, viz.y grams, represents the weight of the water. The weight 
of hydrogen combining with x grams of oxygen is clearly j’ - x grams, 
so that it is easy to calculate what weight of hydrogen combines w ith 
8 grams of oxygen. The weighings must be carried out with consider¬ 
able care, since the weight of the hydrogen is much smaller than the 
weight of the oxygen or w-ater, i.e. small errors in weighing the latter 
produce much larger errors in the deduced weight of the hydrogen. 

Expt. 28. Estimation of the temporary and permanent hardness 
of tap water. 

Fill a burette wdth a standard solution of soap (see Intermediate 
Chemistry, Lowry and Cavell. p. 43 })- Prom a measuring cylinder 
pour 50 c.c. freshly distilled water into a bottle fitted with a stopper, 
and add soap solution from the burette, until, by shaking vigorously, 
a “ permanent ” lather is produced which will last for two minutes. 
In the first titration add 0*5 c.c. of soap solution at a time, so that the 
approximate end-point may be reached rapidly. Now determine the 
exact end-point by adding all but the last i c.c. of soap solution, and 
shaking after every further addition of o-i c.c. The reading thus 
obtained represents the quantity of soap solution which is required to 
lather 50 c.c. of pure water. It is important to use fresfily distilled 
w'ater, because carbon dioxide imparts hardness to water. 

Now run jo c.c. of tap water in the bottle and obtain a rough end¬ 
point by shaking with successive portions of 3 c.c. of soap solution until 
a “ permanent ” lather is produced. In the next tirration add all but 
the last 3 c.c. of soap solution, and approach the end-point 0-5 c.c. at 
a time. In the third and final titration add all but the last 0*5 c.c. of 
soap solution and approach the end-point o-i c.c. at a time. Subtract 
the distilled water reading from this reading to get the total hardness, 
X, of the tap water in terms of c.c. of soap solution. In the same way 
measure the permanent hardness in a specimen of tap water which has 
been boiled for 20 minutes to destroy the temporary hardness. In 
this connection, remember that when tap water is boiled part of the 
water is lost by evaporation, and must be made good by the addition 
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of distilled water, otherwise the permanent hardness will be increased 
bv evaporation. Finally, the temporary hardness is obtained by sub¬ 
tractings from -v, and all the figures can be convened into degrees of 
hardness by obtaining the strength factor of the soap solution from 
the Chemistry Master. 

QUESTIONS ON CHAPTER XIII 

1. Describe the difference between temporarily hard water and 
permanently hard water, and explain how these hardnesses arise. 

Give an account of tno methods of removing permanent hardness. 

1 low would you estimate the hardness of a water? (O. and C.S.C.) 

2. Describe how to compare the hardness of various kinds of 
water. How would the addition of {a) lime, {V) chalk, (r) calcium sul¬ 
phate, to distilled water, affect its hardness? Give reasons. (O.S.C.) 

3. Why is it harder to make a lather from soap and well-water 

than from soap and rain-water? Mention the substances present in 
well-water to which its hardness is due^ Explain how they get there 
and how they may be removed. (O.S.C.) 

4. What common impurities is ordinary riverjVatcr likely to con¬ 

tain? Indicate briefly the steps w'hich have t6 be taken to prepare 
from such water (a) soft water for washing, etc., (b) wa^ec^pure enough 
for chemical analysis. (L.G.S.C.) 

5. Explain how the hardness of water, both teihporary and per¬ 

manent, is affected by (a) boiling, (b) adding lime, (r) adding washing 
soda. Would it matter if excess of lime or soda were added? Give 
reasons for your answers. (O.S.C.) 

6. Describe carefully /wo experiments which seem to you to prove 
most conclusively that water is a compound of hydrogen and oxygen ; 
one should involve its decomposition, the other, its synthesis. (O.S.C.) 

7. How would you determine by experiment the composition of 
water (a) by weight, and (b) by volume? 

Upon what evidence is the formula H .,0 assigned to a molecule of 
"'ater? " (S.L.C.) 

8. How may it be shown experimentally that two volumes of 

hydrogen combine with one volume of oxygen to form two volumes 
of steam? Explain how this result leads to the conclusion that the 
oxygen molecule contains at least two atoms. (C.S.C.) 
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9. Sketch and describe the apparatus you would employ, and the 
method ot conducting the experiments, in order to demonstrate either. 
the composition of steam by volume, or the composition of water by 
weight, (C.S.C.) 

10. Write a short account of the action of water on metals. 

11. Explain carefully what you understand by the statement that a 
substance is {a) delic|uescent, {h) hygroscopic and {c) efflorescent. 
Give two examples of each. 





CHAPTER XIV 

OXIDATION AND REDUCTION 

Introduction. In an earlier section it was stated that hydrogen 
was a reducing agents because it could remove oxygen from cer¬ 
tain metallic oxides (p. 144)- In view of the fact that the next 
chapter deals with two powerful oxidising agents^ namely, ozone, 
O3, and hydrogen peroxide, H^O,, it is now appropriate to con¬ 
sider in some detail the significance of the terms oxidation and 
reduction. 

Oxidation. This word originally meant the addition of 
oxygen to a substance, as when magnesium is burnt to mag- 
ncsium oxide. ^ = zMgO, 

and carbon monoxide is converted into carbon dioxide by the 
action of heated copper oxide : 

CO + CuO = COg + Cu. 

But the meaning of oxidation has now been extended so as to 
include cases where either hydrogen has been taken from a sub¬ 
stance, or the proportion of non-metallic to metallic constituent 
has been increased. Thus, not only is hydrochloric acid, HCI, 
said to be oxidised to chlorine when it is heated with manganese 
dioxide, MnOg: 

4HCI +Mn 0.2 = Cl2 + 2 H 20 + MnCU, manganous chloride, 

but also ferrous salts are said to be oxidised when they are con¬ 
verted into ferric salts by the action of a suitable reagent, e.g. 
chlorine oxidises ferrous chloride to ferric chloride : 

2FeCl2 + Cl2 = 2FeCl3, ferric chloride. 
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The justification for classing the last reaction as an oxidation 
should be clear from the fact that ferrous chloride is derived from 
ferrous oxide, FeO, whilst ferric chloride is derived from ferric 
oxide, FejOg. Thus we could dissolve ferrous oxide in dilute 
hydrochloric acid, 

FeO + 2HCl=FeCl2 + HA 

and add chlorine to convert the ferrous chloride into ferric 
chloride, 

zFeCla + Cla^iFeClg, 

followed by a solution of caustic soda to precipitate ferric 
hydroxide : 

FeClg + 3NaOH =Fe(OH)3 + 5NaCl. 

We could then ignite the precipitate of ferric hydroxide to get 
ferric oxide: 

2Fe(0H)3 = Fe,03 + 3HA 

The indirect oxidation of the ferrous oxide to ferric oxide has 
clearly been brought about through the agency of chlorine, 
hence we must regard the action of chlorine on ferrous chloride 
as an oxidation, and the chlorine can be described as an oxidising 

agent. 

Reduction. This is the converse of oxidation, and therefore 
includes all cases where oxygen has been removed from a sub¬ 
stance, or hydrogen added, or the proportion of metallic to non- 

metallic constituent increased. Thus : 

(i) Copper oxide is reduced to copper by heating it in carbon 
monoxide, which is therefore called a reducing agent : 

CuO + CO^Cu + COg. 

Note that the carbon monoxide is oxidised to carbon dioxide. 

(ii) Chlorine is reduced to hydrogen chloride by the action of 

hydrogen sulphide, 

Cl2 + H2S = 2HC1 + S, 

but the hydrogen sulphide is oxidised to sulphur. 



174 AX INTRODUCTION TO CHEMISTRY 

(iii) Ferric chloride is reduced to ferrous chloride by nascent 
hydrogen (p. 144). 

zFca, + H, = 2rea. + zHCl 

and the latter is oxidised to hydrogen chloride. 

It should be noted that both oxidation and reduction occur 
simultaneously in the reactions described above, i.e. the sub¬ 
stance which is oxidised brings about the reduction of the other 
substance, and conversely. Actually, oxidation is always accom¬ 
panied by reduction, and the converse is also generally true, but 
there are a few odd reactions in which two oxidising agents 
apparently reduce one another. For example, silver oxide and 
hydrogen peroxide mutually reduce one another according to the 
equation : 

AggO + Hg02 = zAg + 02 + HgO. 

Generalised definition of oxidation and reduction. When 
an electric current is passed through a solution of an acid, base 
or salt, it is found that hydrogen or a metal is liberated at the 
negative pole, whilst non-metallic elements or acid radicals are 
set free at the positive pole. Since electric charges of opposite 
sign attract one another, hydrogen and metals must be electro¬ 
positive, otherwise they would not be liberated at the negative 
pole ; conversely, non-metals and acid radicals must be electro- 
negative. Hence the following general definition may be given of 
oxidation and reduction : 

Oxidation takes place when the proportion of the electro¬ 
negative constituent in a substance is increased, and reduction 
occurs when the proportion of the electro-positive constituent is 
increased. 

The appropriateness of this definition should be clear from the 
above examples of oxidation and reduction, but, to make it quite 
clear, the following additional examples are given, together with 
the page where the reaction is discussed. 
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(a) Ozone oxidises acidified ferrous sulphate to ferric sulphate 
(p. 181): 

zFeSO, ^ H^SO, - O3 =.Fc2(SO,)3 + + H, 0 . 

The ozone is reduced to oxygen as it loses an electro-negative 
atom of oxygen, whilst the ferrous sulphate is oxidised to ferric 
sulphate because it gains an electro-negative group, SO^. 

(/;) Hot concentrated nitric acid oxidises sulphur to sulphuric 
acid, but is itself reduced to nitric oxide, NO (p. 530): 

2 HN 03 ^S-H.S 0 , + 2N0. 

In considering this reaction, remember that nitric acid is derived 
from the acidic oxide, NgO^, and sulphuric acid from sulphur 
trioxide, SO3: 

NA + H ..0 = 2 HN 03 , 

SO 3 +H 30 = HgS0,,. 

so that, omitting water, the fundamental change is really : 

NA + S-SO3^ 2NO. 

((-) Dilute nitric acid oxidises copper to copper nitrate and is 
itself reduced to nitric oxide : 

3CU 4- 8 HNO 3 = 5Cu(N03)2 + 2NO + 4H2O. 

{(J) Chlorine oxidises a solution of sulphurous acid, H2SO3, to 
sulphuric acid, 

H2SO3 + H ,0 + Clg = HgSO^ + zHCl, 

but is itself reduced to hydrochloric acid. 

Care must be taken, however, not to describe some straight¬ 
forward double decompositions as oxidations and reductions. 
Thus neither oxidation nor reduction occurs when barium sul¬ 
phate is precipitated by the addition of a solution of sodium 
sulphate to a solution of barium chloride, 

BaClg + Na2SOj =BaS04 + zNaCI, 


G 


C.C. I 
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because the radical, SO,„ is equivalent to 2CI. This is obvious 
when it is realised that the above salts are derived from the basic 
oxides, BaO and NagO. 

Further examples of oxidation and reduction will be found in 
the sections which deal with the following oxidising and reducing 
agents. 

Oxidising Agents. Oxygen (p. 105), ozone (p. 181), hydro¬ 
gen peroxide (p. 184), chlorine (p. 244), nitric acid (p. 550). 

Reducing Agents. Hydrogen (p. 144), carbon (p. 192), carbon 
monoxide (p. 221), hydrogen sulphide (p. z88), sulphur dioxide 
(p. 296). 

EXPERIMENTS 

Expt. 29. To investigate the oxidising and reducing properties 
of the substances A, B, C, D, E. 

The following tests can be applied to discover whether a substance 
has oxidising or reducing properties, but the first two tests should only 
be applied to solids. 

(i) Oxid'isingagents which are in the solid state usually give oxygen on heating. 

If the substance is a solid, heat it in a test-tube and test for oxygen 

by placing a glowing splinter in the mouth of the tube. If this fails it 
is advisable to collect the gas, if any, in a test-tube over water, and 
test again for oxygen, as it may have been liberated too slowly to 
relight the splinter at the mouth of the test-tube. 

(ii) Many oxidising agents oxidise carbon to carbon dioxide. 

If test (i) has given a positive result it is not advisable to try this 
one, as the oxidation of the carbon may take place with explosive 
violence, nor is it worth performing when the unknown substance is 
a liquid. 

Mix the substance with half its bulk of carbon and heat in a test- 
tube fitted with a cork and delivery tube leading to lime-water. If the 
latter is turned milky, carbon dioxide has been formed and the un¬ 
known substance is an oxidising agent, provided, of course, that a 
blank test shows that it does not give off carbon dioxide when it is 
heated alone. 
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(iii) Alafij oxidising agents give chlorine nhen healed with concentrated 
Irydrochloric acid. 

iHC\+[ 0 ]=C\^ + hlfi. 

Heat the substance in a test-tube with a little concentrated hydro¬ 
chloric acid and test the vapours given off for chlorine (smell and 
bleaching action on moist litmus paper). If a positive result is ob¬ 
tained, it is unnecessary to try test (iv), it is certain to respond to it. 

(iv) Oxidising agents liberate iodine from an acid solution of potassium 
iodide. 

This test depends upon the fact that hydriodic acid is ver>' easily 
oxidised to iodine, so easily, in fact, that it has to be prepared in situ 
by the action of a dilute acid (not nitric acid) on a freshly prepared 
solution of potassium iodide : 

KI + H2S0,=KHS0,+HI. 

Its oxidation to iodine may be represented by the equation: 

2HI+[0]=l2 + Ho0, 

where O is provided by the oxidising agent. 

Add the substance to a solution of potassium iodide acidified with 
dilute sulphuric acid, and if no reaction occurs, warm for a minute. 
The production of a yellow or brown colour indicates the liberation 
of iodine ; this can be confirmed by adding a little starch solution, 
when iodine gives a deep blue colour or dark blue precipitate. 

(v) Oxidising agents convert ferrous salts to ferric salts. (See p. 427). 
To rarr)^ out the test, add the substance to a freshly prepared solu¬ 
tion of ferrous sulphate ; acidify with dilute sulphuric acid and warm 
for two minutes. If the product gives a dark blue coloration with 
potassium ferrocyanide, a ferric salt has been formed. It is always 
advisable to check the result by testing the original solution of ferrous 

sulphate with ferrocyanide. ^ 

(vi) Oxidising agents liberate sulphur from hydrogen sulphide. 

H2S+[0]=S+H20. 

Pass hydrogen sulphide into the liquid (or solution of the substance 
if it is a soluble solid) and heat if necessary'. Oxidising agents will give 
a pale yellow suspension or precipitate of sulphur. 
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(vii) Keducing agents reduce iodine to hydriodic acid. 

I2 + 2IH]=2HI. 

Warm the substance with a dilute solution of iodine, and if the 
colour fades completely the iodine has been reduced to hydrogen 
iodide. 

(viii) Reducing agents reduce chromic acid to a chromic salt. 

zCrO.T + 6 [H 1 + sHoSO^ =Cr2(SO,)3 + GU^O. 

Heat a little of the substance in a test-tube with chromic acid, which 
is obtained by adding dilute sulphuric acid to potassium chromate or 
dichromate. Chromic acid has an orange-red colour, but a chromic 
salt is green, so that it is easy to see when reduction has taken place. 

(ix) Reducing agents reduce potassium permanganate^ in the presence oj 
dilute sulphuric acid^ to colourless manganous sulphate. 

This change may be represented by the equation : 

zKMnOj + lolfl) + 3H2SO4 = KjSOj + zMnSOi + SHjO. 

Add some of the substance to a very dilute solution of potassium per¬ 
manganate acidified with sulphuric acid, and heat if no change is 
obser\’ed in the cold. Reduction is indicated by the decoloration of 
the purple permanganate, as a manganous salt is colourless. Tliis is 
a ver)' sensitive test, because permanganate is a powerful oxidising 
agent, and therefore easily reduced even by feeble reducing agents. 

(x) Redwing agents convert ferric salts into ferrous salts. (See p. 428.) 

Add the substance to a solution of ferric chloride in dilute hydro¬ 
chloric acid and heat for two minutes. If the product gives a dark blue 
coloration with potassium fcrricyanide, a ferrous salt has been formed. 

QUESTIONS ON CHAPTER XIV 

1. What is meant by the terms “reduction” and “oxidation”? 
Illustrate your answer by examples. 

What tests would you apply to a given substance to show 
whether it is a reducing agent or an oxidising agent? (C.S.C.) 

2. Describe and explain experiments in which the following sub¬ 

stances play the part of oxidising agents : (a) nitric acid, (p) copper 
oxide, (c) chlorine. How would you show practically that oxidation 
has occurred in two of the cases you select? (O. and C.S.C.) 
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3. Define oxidation and reduction. Explain the statement that the 

two processes accompany one another by describing the action of 
{a) steam on red-hot iron, {b) chlorine on a solution of hydrogen sul¬ 
phide. (O.S.C) 

4. Classify the following substances as oxidising or reducing 

agents, and describe one experiment in each case to justify j’our classifi¬ 
cation : chlorine, carbon monoxide, ferrous sulphate, potassium 
nitrate. (O.S.C.) 

5. Explain carefully where oxidation or reduction takes place in the 
reactions represented by the equations {a), {b) and (r) given below, and 
justify your interpretations: 

{a) Mn0a+4HCl->iMnCl2 + Ci2-^2H20, 

{b) aFeClj + Clg —> aFeClg, 

(f) Fe2(S04)3 -I- H 2 SO 3 + HgO zFeSOj + zHgSO^. . 

(O. and C.S.C.) 
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OZONE AND HYDROGEN PEROXIDE 

OZONE. O3 

Allotropy of oxygen. If pure ox)’gen is subjected, under suit¬ 
able conditions, to an electrical discharge, it is converted into 
another gas called ozone, which is quite different from oxt^gen 
in its physical and chemical properties. 

This phenomenon of an element occurring in the same state in 
more than one form is known as allotropy, and the different forms 
are called allotropcs. 

It is important to remember that allotropy refers exclusively 
to elements which can exist in the same state in more than one 
form. Thus liquid oxygen is not an allotrope of gaseous oxygen, 
but merely oxygen in a different state. Allotropes always differ 
in their physical properties, but their chemical differences are not 
usually so well defined as in the case of oxygen and ozone. 

Occurrence of ozone. Ozone is an important constituent 
of the upper atmosphere and is present in traces in ordinary air 
at ground level; for example, recent measurements at Kew 
and South Kensington indicate a concentration of ozone of 
about one millionth of 1% by volume. 

Preparation of ozone. Ozone is most conveniently prepared 
in the laboratory by the action of a silent electrical discharge on 
oxygen or air. This discharge differs from the ordinary spark 
discharge in that one or two layers of an insulating material, 
such as glass, are inserted between the metallic terminals. The 
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formation of large sparks or of an electric arc, which would raise 
the temperature of the gas sufficiently to decompose the ozone 
as fast as it is formed, is thereby prevented. In Siemens’ ozoniser 
(Fig. 50) the outside of the outer and the inside of the inner ot 

INDUCTION 



Fig. 30. Siemens* ozoniser. 


two coaxial glass tubes are covered with tin foil. A slow current 
of dry oxygen is passed through the space between the tubes, and 
is subjected to a silent discharge by connecting the sheets of tin 
foil to the terminals of an induction coil. 

Since ozone rapidly attacks rubber it is necessary to use cork 
and not rubber for all glass joints leading from the ozoniser. 

Properties of ozone. Ozone is a bluish gas, although this 
colour is not apparent in the gas which issues from an ozoniser, 
unless this be collected in a long tube and viewed end to end. 
Ozone is more soluble than oxygen in water, and condenses to a 
deep blue, magnetic liquid at - 112° C It has a curious smell 
resembling that of an electrical machine—the smell of the latter 
is due largely, of course, to the production of ozone. 

Ozone is not very stable, and slowly reverts to oxygen even 
at atmospheric temperatures; this decomposition is very rapid 
at 200°, or in the presence of finely divided platinum, manganese 
dioxide or silver oxide, which act as catalysts since they remain 

unchanged. 

Ozone is a very powerful oxidising agents i.e. it is very ready 
to part with oxygen to other substances (see p. 172). Thus it 
will re-light a glowing wood splinter, and support combustion 
more vigorously than oxygen. It oxidises lead sulphide to lead 
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sulphate, a solution of acidified ferrous sulphate to ferric sulphate, 
and liberates iodine from acidified potassium iodide : 

PbS + 403 = PbSO, + 402, 

2 FcSO, ^ HoSO^ + 03 = Fe 2 (SO ,)3 + H.O + O 2 , 

2KI 2HCI + O3 = 2KCI +12 + HoO + Og. 

In the above reactions ozone behaves as OgO, since a molecule 
of oxygen is set free and only one atom of oxygen is used up in 
oxidation, but in some reactions the whole molecule is utilised, 
as when sulphur dioxide is oxidised to sulphur trioxide : 

3SO2 + 03 = 5503, 

Ozone is recognised by its smell, by its action on starch iodide 
paper which it turns blue, and by the fact that it makes mercury 
“ tail ”, i.e. stick to glass. This tailing is easily shown by shak¬ 
ing a little mercury with ozonised oxygen in a test-tube, when a 
mirror is formed on the glass. The “ tailing ” is supposed to be 
due to the superficial oxidation of the mercur\\ 

The formula of ozone. Ozone can be prepared from pure 
oxygen, so that its formula must be 0„, where w is a small whole 

number. The value of // was 



Fjg. ji. Soret’s experiment on the 
composition of ozone. 


established in 1866 by Soret, 
who carried out the follow¬ 
ing experiments : 

Two glass globes, A and 
B, with calibrated necks, were 
filled with water and inverted 
in a trough of water. They 
were then filled with the same 
volume of the same specimen 
of ozonised oxygen. The 
ozone in flask A was com¬ 


pletely absorbed by adding a little turpentine ; the resulting con¬ 
traction in volume, viz. x c.c., was thus equal to the volume of 
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the ozone. The other flask, B, was heated to decompose the 
ozone back into oxygen, and after cooling the expansion was 
found to be c.c. It was therefore clear that x c.c. ozone 
yielded x + ix = i ix c.c. of oxygen, hence : 

1 1 vols. of oxygen = i vol. of ozone. 

By Avogadro: 

mols. of oxygen = I mol. ozone. 


But the oxygen molecule is known to be Oo, hence: 

1 1 02 = I mol. ozone = 0 ^. 

Sorer confirmed this result by showing that ozone diffuses 
rather less rapidly than carbon dioxide, but much more rapidly 
than chlorine. From Graham’s Law (p. 8o) we can therefore 
predict that the vapour density of ozone is rather greater than 
the vapour density of carbon dioxide (v.d. =22), but definitely 
less than the vapour density of chlorine (v.d. =35*5). A gas of 
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formula O3 would have a vapour density of ^— = 24, which 

is precisely what Soret’s diffusion measurements indicated. 

The uses of ozone. Ozone is a powerful germicide, and is 
used to purify air, particularly in the London underground 
stations. It is also sometimes used for sterilising water, but the 
disadvantage of this is that the water acquires a disagreeable 
taste and is only palatable after exposure to the air. 


HYDROGEN PEROXIDE, HjOg 

Preparation of hydrogen peroxide, HgOg. Hydrogen per* 
oxide is usually prepared in the laboratory by the action of dilute 
sulphuric acid on barium peroxide : 

Ba02 + H2S04=BaS04 +H 2 O 2 . 

The barium peroxide is made into a thin cream with water and 
added slowly to the calculated quantity of ice-cold dilute sul- 
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phuric acid. Barium sulphate is insoluble in water, and is there¬ 
fore removed by filtration. The resulting dilute solution of 
hydrogen peroxide can be concentrated, if desired, by fractional 
distillation under reduced pressure. 

Properties of hydrogen peroxide. Pure hydrogen peroxide 
is a colourless liquid, which is so unstable that it readily decom¬ 
poses into water and oxygen : 

2 H 2 O 2 = 2H20 + Oj. 

This decomposition is much slower in dilute solution, especially 
in the presence of a little preservative such as glycerine, but is 
accelerated by heating or by the action of catalysts such as man¬ 
ganese dioxide, finely divided platinum and alkalis. The strength 
of the dilute solution, which is sold in commerce, is stated 
in terms of the Volume of oxygen it will yield on decom¬ 
position. Thus one volume of hydrogen peroxide of twenty 
Volumes strength will give 20 volumes of oxygen on decom¬ 
position. 

The outstanding chemical property of hydrogen peroxide is its 
power to oxidise substances—a property which could be pre¬ 
dicted from the readiness with which it decomposes into water 
and oxygen. Thus it liberates iodine from an acidified solution 
of potassium iodide, 

2ICI +H2SO4 +H202=K2S04 +I2 + 2H20, 
and will oxidise a ferrous salt to a ferric salt, in the presence of a 
dilute acid : 

2FCSO4 + H2S04 + H202=Fe2(S04)3 2H0O. 

ferrous sulphate ferric sulphate 

Black lead sulphide is oxidised to white lead sulphate, 

PbS + 4H2O2 =PbS 04 + 4 H 20 , 

a reaction which is utilised for renovating discoloured pictures, 
the white lead paint (Pb(OH)2, aPbCOg) of which has been con¬ 
verted into black lead sulphide, PbS, by the hydrogen sulphide 
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from coal fires, etc. Lead sulphate is unaffected by hydrogen 
sulphide, so that the restoration is permanent. 

Hydrogen peroxide is a useful bleaching agent for delicate 
materials such as wool, ostrich feathers, silk, teeth and hair, since 
it oxidises their colouring matters to colourless compounds ; 
but it is too expensive to use in place of bleaching powder (p. 254) 
for coarser fabrics. It is also a valuable disinfectant and germi¬ 
cide, being used for washing the mouth and throat and for dress¬ 
ing open wounds. 

Curiously enough hydrogen peroxide sometimes functions as 
a reducing agent (i.e. remover of oxygen), e.g. it will decolorise 
a solution of potassium permanganate, KMnOj, acidified with 
dilute sulphuric acid: 

2KMnO, + 4- 5HP2 -h aMnSO^ + 5O2 + SH^O. 

This reaction is regarded as a reduction because potassium per¬ 
manganate is a salt of the acidic oxide, Mn207, and this is reduced 
to the basic oxide, MnO, which reacts with the dilute sulphuric 
acid to give colourless manganous sulphate, MnSOi- 

Hydrogen peroxide may be detected by the fact that it oxidises 
chromic acid (a chromate + dilute acid) to perchromic acid, 
which dissolves in ether to give a beautiful blue solution. The 
details for carrying out this test are described in Expt. 30, p. 186. 

HISTORICAL NOTES 

Ozone. Although ozone is not ordinarily present in the air, except 
at great heights, it is probably formed during thunderstorms, and the 
peculiar smell which Homer (area 900 B.c.) recorded in the Otijssey 
and ///W, as accompanying thunderbolts, was probably due to the 
formation of this gas. In the seventeenth centur)% Boyle noted that 
air acquired a peculiar odour after prolonged exposure to white 
phosphorus, and this we now know is due to the formation of small 
quantities of ozone. The peculiar smell of electrical machines was 
first recorded by van Marum in 1785, but the existence of a special 
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substance causing this smell was not recognised until 1839, when 
Schonbein noted the similarity of the smell with that produced by the 
electrolysis of water. Schonbein called the gas ozone from the Greek 
o:(eiri^ to smell. At first it was not known whether ozone was a form 
of oxygen or a peroxide of hydrogen, but this difficulty was cleared up 
some years later when it was shown by several independent workers 
that ozone could be prepared from pure dry' oxygen. The formula, 
was established by Sorct in 1866 (see p. 182). 

Hydrogen peroxide was discovered in 1818 by Thenard whilst he 
was investigating the action of various acids on barium peroxide. 

EXPERIMENTS 

Exi’t. 30. To investigate the properties of hydrogen peroxide. 

Use 2o-voIumc hydrogen peroxide for the following tests. 

(i) Add about half a gram of manganese dioxide to a few c.c. of 
hydrogen peroxide in a test-tube ; collect the gas that is evolved in a 
test-tube over water, and test it with a glowing splinter. 

(ii) Warm one c.c. of the peroxide with a few c.c. of a freshly pre¬ 
pared solution of ferrous sulphate in dilute sulphuric acid. Test the pro¬ 
duct for a ferric salt by adding a few drops of potassium ferrocyanide. 

(iii) Add a few drops of hydrogen peroxide to a solution of potas¬ 
sium iodide acidified with dilute sulphuric acid. 

(iv) Blacken a piece of moist lead acetate paper with hydrogen sul¬ 
phide, and then immerse it in hydrogen peroxide. 

(v) Fill a test-tube one-third full of a dilute solution of potassium 
dichromate made acid with sulphuric acid ; cover this with a little 
ether, then add a few drops of hydrogen peroxide, shake gently and 
allow to stand. 

Record all the changes which you observe in carry'ing out the above 
tests, and draw what conclusions you can. 

QUESTIONS ON CHAPTER XV 

I. Describe, with a diagram of the apparatus employed, how 
ozonised oxygen may be prepared. Write an account of two experi¬ 
ments which illustrate the new properties possessed by the gas. 

How would you turn it back into oxygen? (O.S.C.) 
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2. How is ozonised oxygen obtained.*' In what respects does this 

gas differ from ordinary oxygen.”* How has it been shown (a) that 
ozone IS composed of oxygen atoms only, (/») that its molecular weight 
is greater than that of oxygen.-* (O. and C.S.C.) 

3. How would you endeavour to prove that ozone is an alloirope 
of oxygen of formula O^j? 

4. Describe briefly how you would prepare (a) ozonised oxygen, 
(b) a dilute solution of hydrogen peroxide. 

What is the action of ozone on (i) lead sulphide, (ii) a solution of 

hydrogen peroxide? 

What happens when manganese dioxide is added to a solution of 
hydrogen peroxide? (J.M.B.S.C.) 

5. Describe the preparation of hydrogen peroxide. What is the 

action of this compound on (<*) lead sulphide, (h) acidified potassium 
iodide, (r) silver oxide? (O- C.S.C.) 

6. Describe how you would obtain a dilute solution of hydrogen 
peroxide in the laborator)-. Name three differences between this 
solution and ordinary water. 

Hydrogen peroxide sometimes appears to act as an oxidising agent 
and sometimes as a reducing agent. Give one example of each case, 
with such explanations as you are able. (C.S.C.) 

7. Briefly describe the preparation and properties of an aqueous 
solution of hydrogen peroxide. From 50 c.c. of a solution of the 
peroxide, 112 c.c. of oxygen were obtained on boiling, the volume of 
gas being measured at 18“ C. and 750 mm. pressure. What was the 
amount of hydrogen peroxide present in one litre of the original 

solution? 

[0 = i 6 . 1 gram of hydrogen occupies 11-2 litres at n.t.p.] 

(O. and C.S.C.) 



CHAPTER XVI 


CARBON, CARBON DIOXIDE AND CARBONATES 

CARBON, C = i2-o 

Occurrence of carbon. Carbon occurs to a limited extent in 
the free state as diamond and graphite, but its compounds form 
the main constituents of animal and vegetable matter and play 
an important part in mineral chemistry, i.e. the chemistry of the 
earth’s crust. The compounds of carbon in animal and vegetable 
matter, and their derivatives, are so numerous that they form a 
separate branch of chemistry known as Organic Chemistry. 

In mineralogy carbon occurs chiefly in the form of carbonates, 
i.c. compounds formed by the union of carbon dioxide with 
metallic oxides. Thus chalk, limestone and marble are varieties 
of impure calcium carbonate, CaCOg; and dolomite, the chief 
constituent of the Dolomite Alps, is a double carbonate of 
formula CaCOgjMgCOg. The enormous deposits of coal in the 
crust of the earth are the fossilised remains of vegetable matter, 
and contain about 70% of carbon in combination with hydrogen, 
nitrogen, etc. Similarly, oil, formed probably as a product of the 
decay of animal and vegetable matter, contains a large proportion 
of carbon in combination chiefly with hydrogen. 

Allotropy of carbon. Pure carbon probably exists in three 
allotropic modifications, viz. as diamond, graphite and amorph¬ 
ous carbon, but the latter has not yet been prepared in a pure 
state. It will be recalled (p. 180) that allotropy was defined as : 

The phenomenon of an element existing in the same state in 
more than one form. 
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Since the allotropes of carbon differ fundamentally in their 
physical properties, and to a less extent in their chemical pro¬ 
perties, they are discussed separately in the succeeding paragraphs. 

Diamond. Diamonds occur naturally in many parts of the 
world, notably South Africa, Brazil and Australia. At Kimbcrlej 
in South Africa the diamonds arc found in the clay which occupies 
what were probably once volcanic pipes. The clay is mined and 
softened by weathering before it is washed over a layer of grease, 
when the crude diamonds stick to the grease and can be removed 
by hand-picking. The “ Cullinan ”, the largest diamond in the 
world, was discovered in the Transvaal in 190J, and weighed 
more than lbs. before it was cut. 

Diamond crystallises in transparent octahedra (Fig. 32) of 
specific gravity 3‘j, and is the hardest substance known. For 



Fig. 32. The crj’sialline allotropes of carbon. 


this reason diamonds, particularly the black variety which is 
valueless as a gem, are used for rock drills, glass cutters, etc. 
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Diamonds are cut and polished with diamond powder. The 
“ brilliance ” of a diamond, and hence its value as a gem, is due 
to its high refractive index, which causes a large amount of 
“ internal reflection ” of light, particularly in a cut diamond. 

The diamond is very inert chemically. Thus it is not attacked 
by any chemical reagent below 100®, and will not burn in oxygen 
until its temperature is raised to about 800®. Attempts to convert 
other forms of carbon into diamond hav'e not been very success¬ 
ful, although Moissan prepared some very small black diamonds 
in 1896, as described on page 209. 

X-ray analysis indicates that a diamond crystal consists of one 
giant molecule, in which the atoms are linked together by a net¬ 
work of bonds extending throughout the crj^stal. In this net¬ 
work each carbon atom is attached to four other carbon atoms 
spaced tetrahedrally (Fig. 52), that is, each carbon atom can be 
regarded as occupying the centre of a regular tetrahedron, at the 
four apices of which there arc four carbon atoms. 

Graphite. The deposits of graphite at Borrowdale in Cum¬ 
berland arc now almost e.xhausted, and the most important 
natural source is Ceylon. Large quantities of graphite are manu¬ 
factured by heating anthracite or coke in an electric furnace. 

Graphite differs fundamentally from diamond in its physical 
properties. Thus it is a black greasy solid which crystallises in 
hexagonal flakes. Unlike diamond, it has a fair electrical con¬ 
ductivity, which is distinguished as graphitic conductivity because, 
unlike metallic conductivity^ it increases with temperature. Graphite 
is inert chemically, though not quite so inert as diamond. Thus 
a mixture of concentrated nitric acid and potassium chlorate is 
the only reagent which attacks it below 100®, converting it into 
graphitic acid. This reaction and X-ray analysis indicate that 
crystals of graphite are built up of giant molecules in two 
dimensions, each flake being built up of a network of hexagons 
of indefinite extent (Fig, 32, p. 189). 
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Graphite is used in the manufacture of lead pencils, the flakes 
being held together by a binding clay. It is also used as black 
lead for polishing iron stoves, etc. ; as a suspension in oil for the 
lubrication of heavy machinery ; and for making crucibles which 
have to withstand high temperatures. Since it conducts electri¬ 
city and is chemically inert, it is used for making the electrodes of 
electrolytic cells and electric furnaces. 

Amorphous carbon. The chief varieties of amorphous or 
non-crystalline carbon arc : 

{d) The charcoals. When bones are heated in a retort in the 
absence of air, volatile products such as ammonia, water and an 
oil (bone oil) distil over and are collected, whilst a residue of 
animal charcoal remains in the retort. This process of heating a 
substance in the absence of air is called destructive distillation. 
Animal charcoal contains about io% of carbon and nearly 90% 
of calcium phosphate and carbonate ; it is used chiefly for 
decolorising sugar syrup. 

At one time enormous quantities of wood were destructively 
distilled to get acetic acid and methyl alcohol; but the industry 
has declined because both of these substances can now be manu¬ 
factured in a cheaper way, and the residue of wood charcoal left in 
the retort after the distillation is of little commercial value. How¬ 
ever, a specially active form of wood charcoal for decolorising 
sugar syrup, etc., is manufactured by impregnating wood with 
zinc chloride and then heating it in steam ; the resulting charcoal 

is then purified by washing with water. 

A very active form of charcoal, suitable for gas masks, is 
manufactured by the destructive distillation of cocoanut shells. 

The charcoals are honeycombed with a multitude of fine pores, 
and this is responsible for their unique power of absorbing gases, 
colouring matter, etc. (Expt. 31, p. ^* 4 )- density of charcoal 
varies roughly between i'4 R^d i’9> but it will float in water 
until the air in its pores has been displaced. 
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The charcoals are much more active chemically than diamond 
or graphite. Thus they burn fairly easily in air, 

C + Oa^COg, 

and are therefore good reducing agents (i.e. removers of oxygen). 
Thus many metallic oxides can be reduced to the metal by heating 
with charcoal, e.g. : 

aCuO 4 - C = zCu + CO2, 

2Pb0+C = 2Pb+C02, 

but the oxides of sodium, potassium, calcium and aluminium 
cannot be reduced in this way. Unlike diamond and graphite, 
charcoal is oxidised to carbon dioxide by heating with concen¬ 
trated nitric or sulphuric acids. 

C + 4HNO3 = 2H2O -rCOo + 4NO2 (nitrogen peroxide), 

C + 2H2SO4 = 2H2O + COo + 2SO2 (sulphur dioxide). 

It is not, however, attacked by hydrochloric acid or chlorine. 

{h) Coke. When coal is distilled it gives off volatile products 
(p. 226) and leaves a residue of coke in the retort. Coke consists 
chiefly of carbon, and is used on a very large scale either as a fuel 
or for preparing metals from their o.xides (see pig iron, p. 417). 

(c) Lamp black. When certain carbon compounds such as 
acetylene, turpentine, tar, etc., arc burnt in an insufficient supply 
of air, a fine deposit of soot called lamp black is obtained. This 
is used for making printers’ ink and pigments. Ordinary soot 
from a coal fire is similar to lamp black, but contains tarry matter 
and ammonium salts, as well as mineral matter. Hence, soot is 
useful to the gardener, because the tarry material acts as an in¬ 
secticide and the ammonium salts as a fertiliser. 

Composition of diamond, graphite and amorphous carbon. 
Diamond and graphite were shown to be pure forms of the same 
element by the fact that they give carbon dioxide and nothing 
else when burnt in an excess of oxygen ; furthermore, i gram of 
each gives exactly the same weight of carbon dioxide. In the 
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laboratory the identity of these allotropes could be established 
by using an apparatus similar to that employed in the determina¬ 
tion of the equivalent weight of carbon (Expt. 12, p. 70). The 
same weight of diamond, graphite and sugar charcoal could be 
burnt in the boat in successive experiments, and in each case the 
sam increase in weight of the potash bulbs should be recorded. 

CARBON DIOXIDE 

Preparation of carbon dioxide. Carbon dioxide is usually 
prepared in the laboratory in Kipp’s apparatus (Fig. 19, p. 159) 
by the action of fairly dilute hydrochloric acid on marble : 

CaCOa -F 2HCI = CaCla + CO^ + H2O. 

Sulphuric acid cannot be used in place of hydrochloric acid be¬ 
cause the marble becomes coated with a layer of insoluble cal¬ 
cium sulphate, which protects it from further action. 

The apparatus shown in the figure may be used in place of 
Kipp’s apparatus, and the gas may be collected over water as it 
only dissolves very slowly ; alternatively, since it is denser than 
air, it may be collected by the upward displacement of air. 



Fig. 32A. Preparation and colLc.ion of carbon dioxide. 

On an industrial scale the carbon dioxide in furnace gases is 
sometimes isolated and purified from dust, nitrogen, etc., by dis¬ 
solving it in water under pressure; on releasing the pressure 
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almost pure carbon dioxide is evolved, and this can be dried by 
sulphuric acid and compressed into iron cylinders for export, or 
converted into Drikold (see below). The large .quantities of 
carbon dioxide that are required for the nrianufactute of sodium 
carbonate (p. 199) arc obtained by “ burning ” limestone : 


CaCOj = CaO + COg. 

The gas is also obtained as a by-product of fermentation, e.g. in 
the brewing of beer, and this is sometimes used for preparing 
“ aerated ” waters. 

Physical properties of carbon dioxide. Carbon dioxide is 
a colourless gas which is approximately 50% denser than air. 
It has a faint but pleasant smell, and is rather sparingly soluble in 
water, which dissolves its own volume at room temperature and 
pressure. Its solubility in water, like that of other gases, is pro¬ 
portional to the pressure, and this behaviour is utilised in the 
preparation of soda water, which is a 0*2% solution of sodium 
bicarbonate, NaHCOg, saturated with carbon dioxide at 14 
atmospheres. Carbon dioxide is easily liquefied by compressing 
it below 51®; when the pressure is released, the liquid evaporates 
so rapidly that it freezes to a solid. This solid is used on a very 
large scale as a refrigerating agent under the name of Drikold, 
because it does not melt but sublimes on exposure to the air, its 
temperature being -79® C. 

Chemical properties of carbon dioxide. Carbon dioxide is 
a very stable substance and will not support combustion, except 
of vigorously burning magnesium and phosphorus, which have 
an abnormally large affinity for oxygen : 

2Mg+ C02 = 2Mg0-hC, 

4P +^CO. = zP^O^ + ^C. 


Carbon dioxide turns moist blue litmus to a wine-red colour, 
because it interacts with water to form a very weak acid called 
carborJc acid : 


I 


H.O-hCOj^HXO 


3 



PROPERTIES OF CARBON DIOXIDE I95 

The thin upper arrow in the equation indicates that the hydration 
only takes place to a small extent because carbonic acid is very 
unstable and decomposes back into carbon dioxide and water. 

The acidic character of carbon dioxide is also indicated by the 
fact that it reacts with many bases to form salts called carbonates. 
Thus when it is bubbled into a solution of lime-water, a milky 
precipitate of calcium carbonate (chalk) is formed : 

Ca(OH). + CO, = CaCO, + H, 0 , 

but if the passage of gas is continued, the precipitate eventually 
disappears owing to the formation of soluble calcium bicarbonate, 

CaCO, + CO, -! H2O ^ Ca(HC03),. 

This last reaction is easily reversed by boiling the solution, hence 
arrows are used in the equation. Carbon dioxide also reacts 
with dilute solutions of caustic soda and caustic potash to form 
the corresponding carbonates and bicarbonates of sodium and 
potassium: 

aNaOH + C02 = H20 +Na2C03, sodium carbonate, 
Na2C03 + C02 + H20 = 2NaHC03, sodium bicarbonate, 

but no precipitates are formed, so that the reaction with lime- 

water is always used as a test for the gas. 

Uses of carbon dioxide. The use of carbon dioxide in the 
preparation of aerated waters and in the manufacture of Drikold 
have already been mentioned. Since small quantities of carbon 
dioxide stimulate respiration, it is used with oxygen in hospital 
work, but large quantities of the gas produce suffocation, e.g. j % 
of carbon dioxide in air is extremely dangerous. 

Carbon dioxide is used to extinguish fires, e.g. the Minimax ex¬ 
tinguisher contains a bottle of strong sulphuric acid in a container 
which is filled with a concentrated solution of sodium carbonate. 
When the striker is pressed down it breaks the bottle, and the 
V acid attacks the carbonate with the result that a frothy mixture 
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of carbon dioxide, etc., is forced out of the nozzle. The carbon 
dioxide forms a heavy cloud ” round the burmng object anc^ 
thereby excludes the air. Fire foam, for the extinction of petrol 
and oil fires, is made by adding alum to a solution of sodium 

carbonate and liquorice : 

Al2(S04)3 + 3Na2C03 + 5H2O = 2 Al(OH )3 + 3 Na 2 S 04 + 3CO2. 

The liquorice enables the carbon dioxide to form a froth or foam 
which floats on the surface of the oil. Ordinary water is, of 
course, almost useless for extinguishing an oil fire as it sinks to 
the bottom of the oil. A Pyrene fire extinguisher is filled with 
liquid carbon tetrachloride ; this yields an inert vapour which is 
three and a halftimes as heavy as carbon dioxide, and therefore a 
more efficient fire extinguisher than the latter. 

The composition and formula of carbon dioxide. Since 
carbon dioxide can be obtained by burning pure carbon in pure 
oxygen, it is composed of these elements only. Its composition 
by weight is measured by burning a known weight of charcoal 
in a stream of dry oxygen and collecting and weighing the result¬ 
ing carbon dioxide, as in Expt. 12, p. 70. In this way it is 
established that 3 grams of carbon combine with 8 grams of 
oxygen ; hence the empirical formula of carbon dioxide is CO2, 

because: 

Atoms of carbon =^ = 0*25; atoms of oxygen=^=0*5 

or C = I : O = 2. 

The relative vapour density of carbon dioxide (Expt. 15, p. 97) 
is 22, so that its molecular weight is 22 x 2 =44 ; hence its mole¬ 
cular formula is the same as its empirical formula, viz. 

003(12 + 16x2). 

Confirmatory evidence in favour of this formula is obtained by 
showing that: 

Carbon +1 volume of oxygen = i volume of carbon dioxide. 
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Whence by Avogadro's law : 

Carbon+/; molecules oxygen = « molecules carbon dioxide. 

Therefore one molecule of carbon dioxide contains one molecule 
of oxygen, viz. O,, which is in harmony with the above formula, 
CO2; but it does not, of course, give any direct evidence as to 
the number of carbon atoms in the mole¬ 
cule. 

The volumetric composition of carbon 
dioxide is established by means of the 
apparatus depicted in Fig. 33. Powdered 
wood charcoal is placed in the spoon and 
over part of the heating coil, and the bulb 
is filled with oxygen at atmospheric pres¬ 
sure. An electric current is passed through 
the heating coil until the charcoal starts 
to burn, it is then cut off as the combustion 
may otherwise become violent. When 
the charcoal ceases to burn and the bulb 
has cooled, it will be found that the level 
of the mercury is the same in both limbs, 
just as it was at the start of the experiment: 
that is, carbon dioxide contains its own 
volume of oxygen. 

The experiment can be repeated with 
sulphur to show that sulphur dioxide also contains its own 

volume of oxygen. 

CARBONATES 

Occurrence. Calcium carbonate occurs in great abundance 
in the crust of the earth as limestom and to a smaller extent as 
marble. The term limestone is applied to a variety of rocks con¬ 
taining calcium carbonate to a greater or less extent. In general, 
limestones are of two kinds, namely, shell limesioms, formed by 



Fig. 33. Apparatus for 
showing the volumetric 
composition of carbon di¬ 
oxide or sulphur dioxide. 
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the accumulation of shell and coral fragments on the bottom of 
lakes or oceans, and precipitated limestones^ which have been 
deposited in fresh or salt water. Chalk is a variety of limestone 
which has been formed from organic remains, and which has as 
a rule a fine texture interspersed with flints (impure silicon 
oxide). Limestones which have been formed in more recent 
geological times are loose and porous and frequently contain 
complete shells, but the older limestones have generally under¬ 
gone partial or complete recrystallisation as the result of the 
action of water, heat or pressure ; the latter being due to earth 
movement or to the weight of the overlying rocks. When the 
recrystallisation is extensive, the rock is converted into a mass of 
interlocking calcite crystals (the ordinary crystalline variety of 
calcium carbonate), and the rock is known as marble. 

Magnesium carbonate occurs extensively as dolomite^ a double 
carbonate of magnesium and calcium, MgCOgCaCOa. Apart 
from ferrous carbonate, FeCOj, in ironstone, the natural sources 
of other carbonates are small and usually of little importance, 
though a certain amount of zinc is extracted from calamincy 
ZnCOg. 

Preparation of carbonates. Carbonates are prepared in the 
laboratory either by the action of carbon dioxide on an alkali, 

Ca(OH)2 + CO 2 = CaCOa + Hp, 

or by the addition of a solution of sodium carbonate or bicar¬ 
bonate to a solution of a salt of the given metal, when double 
decomposition occurs and the metal carbonate is precipitated. 
Thus barium carbonate is precipitated by the action of sodium 
carbonate on a solution of barium chloride : 

BaCIg 4- NajCOg = BaC03 + zNaCl, 

but under the same conditions zinc and lead salts give basic 
carbonates (ZnCOg, xZn(OH2), etc.), and it is necessary to use 
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sodium bicarbonate as the 

precipitating reagent: 

ZnSO., + zNaHCOg = ZnCOs 
+ Na^SO,, -t- CO2 + HjO, 

Pb(N 03)2 + 2NaHC03 

= PbC03-r2NaN03 

+ CO.> 4 H2O. 

Manufacture of sodium 
carbonate by the Solvay 
process. The manufacture of 
sodium carbonate by the Sol¬ 
vay or Ammonia Soda Pro¬ 
cess is one of the largest of 
chemical industries. The pro¬ 
cess depends upon the fact 
that sodium bicarbonate, 
NaHCOg, is precipitated when 
carbon dioxide is passed into 
a strong solution of common 
salt (brine), which has'previ- 
ously been saturated with am¬ 
monia. The carbon dioxide 
converts the ammonia into 
ammonium bicarbonate: 

NHa + HoO + COa 

“ =NH^HC 03 , 

and this compound then un¬ 
dergoes double decomposition 
with the salt giving a sludge 
of sodium bicarbonate: 

NaCl-^NH,HC 03 

=NaHC 03 -f-NH 4 a 

Fig. 34 gives a diagram of 



Fig. 34. Solvay tower. 
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the Solvay Tower. Brine from a flooded salt mine is saturated 
with ammonia, and the product, after filtration, is passed into 
the top and middle of the tower, which is fitted with a series 
of baffle plates, so that the liquor comes into intimate contact 
with the carbon dioxide which is pumped up the tower. The 
lower regions of the tower are cooled with cold water, because 
heat is liberated in the carbonation and sodium bicarbonate is 
less soluble in the cold liquor. The sodium bicarbonate is 
separated on vacuum filters, and ignited to give anhydrous sodium 
carbonate (soda ash) : 

zNaHCOa=Na2C03 + CO2 + HjO. 

The carbon dioxide which is thus expelled is used to carbonate a 
further supply of ammoniacal brine. The ammonia is recovered 
for use over again by heating the waste liquors with lime and 
stc2ni • 

zNH^Cl + CaO = 2NH3 + CaCla + HgO. 

The lime is obtained by heating limestone, CaCOa, which also 
provides the carbon dioxide for the process : 

CaCOa^CaO + Cdo. 

Apart from a little fuel and a slight waste of ammonia, the only 
raw materials which are used up in the ammonia soda process 
are brine and limestone, and as the final products are sodium 
carbonate and calcium chloride it is possible to represent the 
process by the simple equation : 

zNaCl + CaCOj=Na2C03 + CaCl2. 

The advantages of this process are : 

(i) The raw materials are very cheap. 

(ii) The process is continuous and very efficient, since as 
much as 98% of the available carbon dioxide is converted into 
sodium carbonate. 

(iii) The product is pure. 
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The main disadvantages are : 

(i) Calcium chloride is a waste product. 

Ci) A little ammonia is unavoidably lost. 

Properties of carbonates. The carbonates of sodium and 
potassium are freely soluble in water, to which they impart a 
Longly alkahne reaction owing to partial hydrolysis, that , 

decomposition by water; 

NaXOj + H30.?iNaHC03 +NaOH, 

KXO3 +H, 0 -KHC 03 +koh. 

The thin upper arrows are used to show that the hydrolysis is 
only slight. The carbonates of all other common metals are in¬ 
soluble in water, but, like sodium and potassiuin carbonates dis¬ 
solve in dilute nitric acid, and usually also in di ute hydrochloric 
and sulphuric acids, to give a salt, carbon dioxide and water . 

Na jCOj + 2HNO3 = aNaNOj t- COj -t H^O, 

CaCOj -l-zHCl =CaCl2 -t-COj-t-H.O, 

CUCO 3 t-H.SOi =CuS03 +C 02 -tH 20 . 

Note, however, that calcium and lead carbonates are hisolM in 

cold dilute sulphuric acid, because they rapidly become coated 

with an insoluble layer of the sulphate. 

The carbonates of sodium and potassium ate so stable that the) 

are not decomposed even when heated to 1000°; by contrast 

most other carbonates are readily decomposed by heat and break 

down into the metal oxide and carbon dioxide Thus large 

quantities of quickUme, CaO, are manufactured by heating (so- 

called “ burning ”) limestone in special kilns (p. 405): 

CaC 0 , = Ca0-i-C03. 

Uses of carbonates. The following is a brief survey of the 


principal uses of carbonates. 

Sodium carbonate, Na3C03, is used in the manufacture of 
sodium hydroxide (p. 394). glass (p- 238) and dyes ; m the wash¬ 
ing and bleaching of textile fabrics, and for softemng water. Th 
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decahyclrate, Na.COa, loHoO, prepared by cr>-stallising the an¬ 
hydrous salt from water below 52®, is used under the name of 
W ashing Soda for a variety of household purposes, such as 
cleaning pots and pans. Its use in preference to the anhydrous 
salt is due to the fact that it dissolves more readily in water. 
The crystals effloresce slowly in air and yield the monohydrate, 
Na,C03, H2O. 

Calcium carbonate, CaCOj (chalk, limestone and marble) is 
used principally in the manufacture of quicklime, CaO, but large 
quantities of limestone are used for building purposes, as is also 
marble. The delightful stone cottages in the Cotswold district 
are built from local limestone. Limestone is also used in the 
manufacture of pig iron (p. 417). 

Basic lead carbonate, 2PbC03,Pb(0H)2, is manufactured on 
a large scale under the name of W'hite Lead (p. 453) for the 
paint industry. The white lead is mixed with linseed oil and 
turpentine to form a paint which has a very good covering power, 
but suffers from the disadvantage of being slowly blackened by 
the hydrogen sulphide that occurs in the atmosphere of industrial 
districts. 

Preparation of bicarbonates. Since carbonic acid, H2CO3, 
is a dibasic acid, it forms a series of bicarbonates in which only 
one of the hydrogen atoms in the acid molecule is replaced by a 
metal atom, e.g.: 

Sodium bicarbonate, NaHCOg, 

Calcium bicarbonate, Ca(HC03)8. 

Bicarbonates are usually obtained by the action of carbon 
dioxide and water on a carbonate; for example, a solution of 
calcium bicarbonate is obtained when carbon dioxide is passed into 
lime-water until the initial precipitate of chalk has all dissolved r 

Ca(OH), + CO2 = CaCOg + HgO, 

CaCOg + CO2 -h H^O = Ca(HC03)2. 
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BICARBONATES 

The last action occurs in nature and is responsible, together with 
the similar formation of magnesium bicarbonate, Mg(HCO;)2, 

for temporary hardness in water (p. 1 5 0 * 

Properties and uses of bicarbonates. Sodium and potassium 

bicarbonates are unique in that they can be isolated in the solid 
state, whilst the bicarbonates of other metals decompose so 
readily into the normal carbonates that they exist only in solution. 
It is also an interesting fact that the bicarbonates of sodium and 
potassium are less soluble than the correspondingcarbonatcs, whilst 
the reverse is the case for the bicarbonates of most other metals. 

A bicarbonate is readily converted into the normal carbonate 
by heating the solid or boiling the solution. Thus a solution of 
calcium bicarbonate becomes cloudy when it is boiled, owing to 
the formation of chalk, 

Ca(HC 03)2 = CaC03 + CO 2 + HA 
and this is why temporarily hard water causes the furring of 
kettles and boilers (p. 155)- Normal carbonates are also formed 
when the appropriate base is added to a solution of the bicar¬ 
bonate, e.g. : 

CaCHCO.^). • (:a(OH;2 - zCaCOj -r zHfi. 

Dilute acids attack bicarbonates even more readily than they 
react with carbonates, and yield a salt, carbon dioxide and water. 

NaHCO^ ^ HCl = NaCl + CO.^ + HA 

This behaviour is utilised in the preparation of “ baking powder ”, 
which consists of a solid mixture of sodium bicarbonate and 
tartaric acid. The tartaric acid is without action on the bicar¬ 
bonate until it is brought into contact with water; it then dis¬ 
solves and liberates carbon dioxide from the bicarbonate. If 
baking powder is added to a moist dough of say, milk, flour and 
eggs the tartaric acid dissolves and liberates small bubbles ot 
carbon dioxide in the dough. When, therefore, the dough is 
heated in an oven, it “ rises ” owing to the expansion of the small 
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bubbles of carbon dioxide. Sodium bicarbonate and tartaric acid 
are also the principal constituents of effervescing “ health salts 
Stalactites and stalagmites. It has already been pointed out 
that water which contains carbon dioxide is able to dissolve chalk 
as calcium bicarbonate, 

CaCOa H ,0 + CO., ^ CaCHCOa),, 

and that this is the cause of temporary hardness in some natural 



(Phoio. Frith & Co. Ud.) 


Fig. 3 5 . Stalactites and stalagmites in Cox*s 
Cave, Cheddar. The central column is } feet 
4 J inches high. 

{Rrprcducid 6)' ccuri<sy of tfu Proprietors of Cor^s Cove, 
Cheddar.'t 


waters. The easy reversi¬ 
bility of the above action 
is responsible for the for¬ 
mation of stalactites and 
stalagmites in caves. Thus 
when water containing 
calcium bicarbonate per¬ 
colates through the roof 
of a cave, a little calcium 
carbonate is deposited on 
the roof owing to some 
of the dissolved carbon 
dioxide escaping into the 
air, and the same thing 
happens where the water 
drops on to the floor of 
the cave. In this way, 
layer upon layer of cal¬ 
cium carbonate is de¬ 
posited on the roof and 
leads to the formation of 
a stalactite, whilst the cor¬ 
responding pillar which 
forms on the floor is 
known as a stalagmite, 
Fig- 35- 
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RESPIRATION AND THE CARBON DIOXIDE C\CLE 
Respiration. Living creatures derive their energy and 
warmth of body from the oxidation of complex carbonaceous 
substances in the tissues. Thus man and animals inhale air into 
the lungs, which are honeycombed with a multitude of fine 
pores. Oxygen passes through these pores and combines with the 
haemoglobin in the blood to form a bright red unstable compound 
called oxyhaemoglobin. The oxygenated blood is pumped by 
the heart through “ arteries ” to the tissues, where the oxygen 
oxidises complex carbon compounds to carbon dioxide, water, 
etc., and provides energy for muscular movement. The products 
of oxidation, principally carbon dioxide and moisture, are then 
carried back by the deoxidised blood (which has a dark purple 
colour) through the veins to the lungs and exhaled. Respired 
air contains approximately 76^0 o( nitrogen, 15% of oxygen, 
4 '’o to 5^0 of carbon dioxide and 5% of water vapour. The 
presence of a greater quantity of water vapour in exhaled air than 
in ordinary air is easily shown by the fogging that is produced 
by breathing on a cold piece of glass. Similarly, on a cold day 

one can “ see one’s breath C 

owing to the condensation 
of the water vapour in it. 

The oppressive atmosphere 
of an ill-ventilated and 
crowded room is not due to 
a fall in the oxygen content 
or to the increase of carbon 
dioxide, but to the extra 

moisture in the air, since Fig. 56. Apparatus to show carbon dj 

in cxnaicG air. 

this impedes the evapora¬ 
tion of moisture from the lungs and pores. 

The fact that exhaled air contains more carbon dioxide than 

ordinary air can be shown by means of the apparatus in Fig. 56. 
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Lime-water is placed in the two conical flasks, A and B, which 
are fitted with corks and tubes as shown. Air is then drawn for 
about a minute through the lime-water in the flask by sucking 
at C and blocking with the finger the entry tube at Y. By closing 
X and releasing y, exhaled air is then blown through the lime- 
water in B, which turns milky in about half a minute ; whereas 
sucking air through Ay for even three or four minutes, docs not 
produce any very noticeable effect. 

In the case of fishes, the oxygen for respiration is obtained by 
taking in water through the mouth and passing it to the gills, 
where the dissolved oxygen is extracted ; the combined oxygen, 
i.e. the oxygen in the water molecules, cannot be utilised, so that 
fishes suffocate and die in water which does not contain a suffi¬ 
cient supply of dissolved oxygen. 

Plants obtain their oxygen for respiration by the diffusion of 
air into the tiny pores (stomata) in their leaves, and the resulting 
carbon dioxide is returned to the air by the same means. 

The carbon dioxide cycle. Thousands of millions of tons 
of carbon dioxide arc being put into the atmosphere every year 
by the combustion of coal, coke, petrol, etc., by the respiration 
of all living things and by the decay of organic matter. In spite 
of this, measurements taken during the last fifty years show that 
the concentration of carbon dioxide in the air is almost stationary 
at 0-05%, although it is claimed that this figure is increasing very 
slightly. Since the atmosphere contains only about two billion 
tons of carbon dioxide, it is clear that a very marked change in 
the concentration of the latter is being prevented by the removal 
of enormous quantities of it. The natural agencies removing 
carbon dioxide are : 

(a) The growth of plants. In the presence of sunlight, plants 
feed on carbon dioxide and moisture and give oxygen as a waste 
product. This process, which is known as photosynthesis, is 
assisted by the catalytic action of a green pigment called chloro- 
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phyll, which occurs in the leaves of plants. The chlorophyll is 
supposed to utilise the energy of sunlight, so that changes such 
as the following can take place : 

CO2 + H2O +energy --02 + [H^CO] ^ O. + starch, sugar, etc. 
The formula in square brackets represents formaldehyde, a 
hypothetical intermediate product which is supposed to undergo 
an immediate transformation into more complex products such 
as starch and sugars, e.g.: 

6H2C0 = C6Hi 206 (glucose). 

In daylight the amount of oxygen set free by photosynthesis 
far outweighs the oxygen which is used by the plant for respira¬ 
tion, but at night photosynthesis stops, so that a plant appears to 
give off oxygen in the day and carbon dioxide at night; this is 
why plants and flowers are removed from a hospital ward at 
night. The student must be careful to avoid the blunder of say¬ 
ing that a plant exhales oxygen in the day and carbon dioxide at 
night. The oxygen is a waste product of feeding and mt of 
respiration, and therefore must not be confused with the latter. 

{b) The weathering of rocks. It has been estimated that about 
1,500 million tons of carbon dioxide are removed annually from 
the air by the weathering of rocks. The reactions which occur 
are too complicated to be discussed in detail here, but as an 
illustration the equation is given for the action of carbon dioxide 
on felspar, a constituent of granite : 

aNaAlSigOg + zHoO + COg = NajCOj + H.jA! 2 Si 209 + 4Si02. 

(china clay) (silica) 

The action of carbon dioxide on rocks containing carbonates is 
relatively simple. Thus limestone, CaCOg, and dolomite, 
MgCOj.CaCOg, are dissolved as bicarbonates, which are respon¬ 
sible for temporary hardness in water : 

CaCOa +C02 + H20^Ca(HC03)2, 

MgCOa + CO2 + H2O ^ Mg(HC03)2. 


H 


in i'ratap Collegi, 


C.C. i 
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The reversible decomposition of these bicarbonates in sea-water, 
as well as the ordinarv solvent action of water, acts as a buffer to 
regulate the proportion of carbon dioxide in air, so that it does 

not undergo appreciable fluctuations. 

The constancy of the concentration of the carbon dioxide in 

air is therefore attributed to an equilibrium between the processes 
which put carbon dioxide into the air and those which remove it. 

HISTORICAL NOTES 

Diamond and graphite have been known from very early times. 
It is probable that the Hindus used diamonds as gem stones from 
remotest antiquity, and it is known that graphite was mined in Bavaria 
and used in the making of pottery* in pre-Roman times, but its use for 
pencils dates from more recent times. Thus in early Renaissance days 
metallic lead was used for marking parchment, and it was not until 
the close of the sixteenth century that a “ graphite ” pencil was used. 

The fact that diamond and graphite were identical in composition 
to pure charcoal was established by the experiments of Lavoisier and 
others. Thus Lavoisier showed that carbon dioxide was the sole 
product (apart from traces of ash) when diamond and charcoal were 
burnt in air or oxygen, and Tennant, in 1797, showed that equal 
weights of diamond and charcoal gave the same quantity of 
carbon dioxide when fused with nitre. Similar results were ob¬ 
tained by other workers using graphite, so that diamond, graphite 
and charcoal were regarded as different forms of carbon, to which 
Berzelius gave the name of Allotropes in 1840. 

A year later, Dumas and Stas confirmed the identity of the composi¬ 
tion of diamond and graphite, and established with accuracy the gravi¬ 
metric composition of carbon dioxide. For this purpose a stream of 
oxygen, freed from carbon dioxide by alkali and dried by sulphuric 
acid, was passed over known weights of diamond and graphite in a 
platinum boat, which was contained in a porcelain tube heated in a 
furnace. The gases thus produced (CO2 +CO) were completely oxi¬ 
dised to carbon dioxide by passing over heated copper oxide before 
being absorbed in weighed potash bulbs. From the mean of five 
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combustions of natural graphite, four of artificial graphite and five of 
diamond, 8-oooo parts of oxygen were found to combine with : 

2-9992 parts of natural graphite, 

2-9995 parts of artificial graphite, 

5-0002 parts of diamond. 

The mean of the above results gave the ratio : 

oxygen : carbon . 8 0000 : 2-9996, 

which is within o-i‘'o of the modern ratio ; 

oxygen : carbon . 8 0000 ; 3 0025. 

This is a remarkable achievement in view of the fact that Dumas and 
Stas carried out their measurements nearly a hundred years ago. 

Many attempts have been made to synthesise diamonds from 
graphite or amorphous carbon. Since diamonds are denser than the 
other allotropes of carbon and are possibly of volcanic origin, it was 
thought that the ideal conditions for their formation would be ob¬ 
tained if carbon could be made to crystallise from a suitable solvent 
under great pressure and at a high temperature. The real difficulty 
was to find a solvent, since graphite and amorphous carbon are remark¬ 
ably insoluble. In 1896 Moissan hit upon the ingenious plan of dis¬ 
solving carbon in molten iron, and then cr>'stallising under pressure 
by suddenly chilUng the molten product in water, since iron contracts 
on solidification. A mixture of sugar charcoal and iron were heated 
to over 2000® in a carbon cnacible in an electric furnace. >X'hen the 
iron was near its boiUng point the crucible was plunged into cold 
vvater. In this way the outside of the iron was rapidly chilled and 
solidified, with the result that it contracted and exerted a considerable 
pressure on the molten interior. Moissan then dissolved the iron in 
dilute acid, and was able to identify very minute diamonds, mostly 

the black variety, in the insoluble residue. 

In spite of research since Moissan*s time, no one has yet made 
diamonds on an economic scale. The late Sir Charles 
of steam turbine fame, obtained better results than Moissan by filling 
special cartridges with charcoal and firing them into wedge-shaped 
slots in a steel wall. A high pressure was produced by the passage of 
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the bullet down the narrowing slot, and a high temperature by the 
friction. 

Carbon dioxide was recognised by Black in *75 5 
of chalk, CaCOa. magnesia, MgCOj, and the “ r^d alkalis , NaXO, 
and KXO3. He named the gas “ fixed ” air, and showed that it could 
be liberated from the above carbonates by the action of dilute acids, 
as well as by the action of heat on chalk or magnesia. By noting the 
action of fixed air on lime-water, he was able to show that this gas was 
also present in ordinar)' air. After the discover)’ of oxygen, Lavoisier 
was able to prove that fixed air was an oxide of carbon, because when 
pure charcoal was heated with mercuric oxide (a compound of oxygen 

andmercuryonly),mercur)'andfixedairweretheonlyproducts. IniySy 

Lavoisier renamed the gas carbonic acid, and called its salts carbonates. 

Chalk, lime and the alkalis. Since Black’s work on carbon 
dioxide was carried out during an investigation of magnesium car¬ 
bonate, chalk, lime and the alkalis, it is appropriate to describe briefly 
here Black’s masterly investigations on these substances. At that time 
(area 1755) it was generally believed that the caustic properties of 
quicklime, CaO, were due to the absorption by the chalk of igneous 
particles from the fire in which it had been heated. This theory was 
shattered by Black, who showed that chalk was converted into quick¬ 
lime with a loss in weight of 44and that this loss in weight must 
have been due to the escape of a gas," fixed air ”, as only a small amount 
of water could be condensed when the chalk was burnt in a retort. 

Black did not attempt to collect the gas, but proved that it was 
identical to the gas which was evolved when chalk was attacked by 
dilute acids, because the percentage loss in weight of a gi ven specimen 
of chalk was the same whether it was dissolved in dilute acids or 
ignited. Moreover, a given weight of chalk neutralised the same 
quantity of acid, whether it was attacked directly by acid or first con¬ 
verted into quicklime ; in the latter case the acid reacted with the lime 
“ without any sensible effervescence or loss of weight ”. It is sur¬ 
prising that Black did not confirm the identity of the gases set free 
from chalk by acids and heat by passing them into lime-water, but 
apparatus had not yet been devised for this purpose, and the systematic 
study of gases did not begin until nearly twenty years later. 
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black’s researches on alkalis 

It had been known for many centuries that the miid alkalis, soda, 
Na2C03, and potash, KjCOa, resembled chalk in that they effervesced 
when attacked by acids. Black was able to show by a quantilaiive 
method that the gas evolved must be fixed air. For this purpose he 
ignited a known weight of chalk and added the resulting quicklime, 
after powdering finely, to a solution of soda or potash : 

(NaoCOj + aO + H.p = 2NaOH + CaCOa). 

The resulting precipitate of chalk was collected and dried, and found 
to weigh virtually the same as the original chalk and to resemble the 
latter in every respect. He therefore concluded that the mild alkali 
had given up fixed air to the quicklime, and thus become caustic. 

This conclusion, which was in direct opposition to the view that 
the causticisation of the mild alkali was due to the presence of dis¬ 
solved slaked lime, was confirmed beyond all doubt by further experi¬ 
ments in which Black showed that the resulting caustic alkali, if pre¬ 
pared by admixture of the right proportions of slaked lime and mild 
alkali, did not contain either lime or fixed air. Exposure of the caustic 
alkali to the air for several days converted it back into mild alkali, just 
as lime-water gives chalk on exposure to air. Black endeavoured to 
isolate the caustic alkali by evaporating the liquor in an earthenware 
bowl, but found that the latter was attacked. By using a silver bowl 
he was able to drive off all the water and obtain a fused mass of the 
caustic alkali, which solidified on cooling. 

To summarise, then, Black’s researches showed that: 

(i) Chalk = quicklime + fixed air. 

(ii) Mild alkali + slaked lime = chalk + caustic alkali 

(K2CO3 + a(OH)2 =aco3+ 2KOH). 

(iii) Caustic alkali + fixed air = mild alkali 
(2KOH + CO2 = KsCOsf + HjO].) 

(iv) The mild alkalis, soda (NagCOg) and potash (KoCOg), are 
similar compounds to chalk and magnesia (MgCOg), but differ in that 
they are soluble in water and scarcely affected by heat. 

(v) The caustic alkalis, caustic soda (NaOH) and caustic potash 
(KOH). are similar to slaked lime (Ca(OH)2), but are much more 
soluble in water. All these substances react with acids in the same 
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wav as chalk and the mild alkalis, except that fixed air (CO.) is not 
expelled. 

The importance of Black’s work lies in its quantitative character 
concepts held from the Middle Ages were disproved by using the 
kiiame. The balance had, of course, been used a century earlier by 
Boyle and others, so that it would be incorrect to say that Black intro¬ 
duced the quantitative method into chemistry, but his experiments 
undoubtedly hastened the universal application of this method to 
scientific investigations. 

Black was educated in medicine at Glasgow University (1746). 
After taking a medical post in Edinburgh he returned to Glasgow in 
1756 as professor of anatomy and lecturer in chemistry. In 1766 he 
became professor of chemistry at Edinburgh. He is said to have been 
a very popular lecturer, and it is recorded that “ many were induced, 
by the report of his students, to attend his courses, without having 

any particular relish for chemical knowledge . 

Sodium carbonate. Native supplies of sodium carbonate or Soda 
were known to the Egyptians more than three thousand years ago, 
and were used by them to make soaps and glasses. Native deposits 
and the ashes left after the burning of sea-weeds, etc., provided the 
principal source of this useful chemical until the close of the 
eighteenth century, when a Frenchman, Nicolas Le Blanc, invented 
a process for manufacturing soda from sodium sulphate, coal and 

limestone. 

In 1792, with the aid of an £8,000 loan from the Duke of Orleans, 
Le Blanc built a factory which produced about a quarter of a ton of soda 
per day. The factory was confiscated in 1794 by the French revolu¬ 
tionaries, and though it was returned to Le Blanc in 1801, he was with¬ 
out sufficient funds to work it, and a few years later, in financial despair, 
shot himself. Thus ended the life of a man whose process was to form 
the foundation of a vast chemical industry' and provide a treasure of 
information to science and chemical engineering. 

The Leblanc Process, as it is now called, was started in England at 
Walker-on-Tyne in 1814, and on a really large scale at Liverpool in 
182 j. In the course of the next sixty years, the process was improved 
and expanded to such an extent that by 1883 its output in England 
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alone amounted to half a million tons of soda per annum. The 
essential details of the process were as follows; 

Common salt was heated with concentrated sulphuric acid to give 

sodium sulphate and hydrogen chloride, 

aNaCl + H.SO, = Na.SOj + zHC!. 

The sodium sulphate, so called Salt Cake, was then mixed with 
powdered coal and limestone and heated in a rotary furnace, fired by 
producer gas. The coal reduced the sodium sulphate to sodium 

sulphide, 

Na 2 S 04 + zC = Na2S + zCOo, 

and the latter then underwent double decomposition with the lime¬ 
stone to give sodium carbonate and calcium sulphide : 

NaoS + aCO, = NasCO, + CaS. 

This product, which was called Black Ash, was lixivated with water 
to dissolve the soda and leav^e an insoluble sludge of calcium sulphide, 
etc. The latter was given the name of Alkali VC aste, but although 
it was originally a waste product it later became valuable as a source of 

sulphur and sulphides. 

The liquor from the lixivation of the Black Ash contained many 
impurities, the chief of which was sodium hydroxide. It was therefore 
carbonated with furnace gases, 

zNaOH + COo = NajCOa + H2O, 

and then, after suitable treatment to remove sodium sulphide, etc., 
was evaporated to give soda. 

The manufacture of soda by the Solvay Process began in Belgium 
in 1863, and was introduced into this countr)' some ten years later. 
The process very soon became a serious rival to the Leblanc one, 
since it produced a purer product at a smaller cost, and there were no 
obnoxious by-products. The life of the Leblanc process was prolonged, 
however, until about 1910 owing to the value of its by-products, 
especially hydrogen chloride. In this connection it is interesting to 
record that in the early days of the process, the hydrogen chloride was 
allowed to escape into the air. The pollution of the countryside by 
this gas led to a storm of protests, with the result that Parliament 
passed the Alkali Act (1863), which compelled manufacturers to 
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dissolve the gas in water. The solution thus obtained was frequently 
discharged into rivers with disastrous results on fish life, but this 
wasteful procedure did not continue for long, because of the increasing 
demand for bleaching powder, which required in its turn an increase in 
the production of chlorine from hydrochloric acid. The growth in 
the demand for bleaching powder was due, in part at any rate, to the 
repeal of the paper tax by Mr. Gladstone’s Government in i86i. 
The abolition of this tax caused a rapid increase in the distribution of 
newspapers, and the wood pulp used in the manufacture of newsprint 

is bleached by means of bleaching powder. 

The introduction at the close of the last century of electrolytic pro¬ 
cesses for making caustic soda (seep. 595), soon led to a plentiful supply 
of by-product chlorine, and hence to a considerable diminution in the 
demand for hydrochloric acid. One of the main props of the Leblanc 
process was thus removed and so the process sank into obscurity. 

EXPERIMENTS 

Expt. 31. To investigate the properties of charcoal. 

(fl) Add about 2 c.c. of animal charcoal to three test-tubes, which 
are half-filled with solutions of litmus, burnt sugar and tea. Shake 
the test-tubes to mix the charcoal thoroughly with the solutions, and 
then boil each gently for about five minutes ; filter, and examine the 
filtrates. 

(h) Ignite for about five minutes a few pieces of cocoanut charcoal 
in a crucible with lid. When the charcoal has cooled, place pieces of 
it in a boiling tube filled with ammonia (by placing it over the vertical 
delivery tube from a flask in which *88 ammonia is being heated) and 
standing in a small trough of mercury. When no further change is 
observed to occur in the boiling tube, the pieces of charcoal are 
removed and heated in a test tube ; what gas, if any, is evolved? 

(r) Heat strongly an intimate mixture of 6 parts by weigh? of black 
copper oxide and i part by weight of wood charcoal in a hard glass 
test-tube, fitted with a cork and delivery tube. Test the gas which is 
evolved with lime-water. Stop heating the test-tube when no further 
change appears to be taking place inside it, and allow it to cool before 
examining the residue. What conclusions can you draw? 
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Expt. 32. Preparation and properties of carbon dioxide. 

Place a small quantity of marble chips in a flat-bottom flask, and fit 
the latter with a delivery tube and thistle funnel as in Fig. 52A, p. 193- 
Pour fairly dilute hydrochloric acid (1 part cone. HCl to 1 part water) 
down the thistle funnel, and collect the gas which is evolved in four 
gas jars, <3, b, c, d, over water, but discard and refill the first jar because 
it will consist mainly of air displaced from the apparatus. Test the 
jars of gas as follows : 

(a) Put a lighted taper into the jar. 

(/>) Invert the jar and hold it about three inches above a lighted 

candle, then remove the cover plate. 

(c) Hold a strip of magnesium ribbon in crucible tongs, ignite the 

free end, and when it is vigorously burning plunge it right inside the 
jar, but do not drop the ribbon ; examine the residue in the jar very 

carefully. 

(d) Add neutral litmus solution and shake vigorously ; is there any 
further change when a drop of dilute hydrochloric acid is added to a 
portion of the residual liquid? 

Now add more acid to the marble chips, and bubble carbon dioxide 
into lime-water in a boiling tube until no further change takes place. 

(N.B._Two distinct changes should occur.) Divide this product into 

two portions; boil one portion (test for CO^), and to the other add 
more lime-water. Describe and tr>' to explain your observations. 

Expt. 35. To investigate the properties of the carbonates of 
sodium, potassium, calcium and copper. 

(a) Solubililj in n>aler. Shake up a little of the powdered carbonate 
in a test-tube half-full of water. If the carbonate appears to dissolve, 

test its solution with blue and red litmus paper. 

(b) Action of heat. Heat strongly a few grams of each carbonate in 
a test-tube fitted with a cork and delivery tube, and test for carbon 
dioxide by immersing the open end of the deliver)- tube in lime-water. 

(c) Action of dilute acids. Compare the action of dilute sulphuric 
and hydrochloric acids on each of the above carbonates, and test for 

the liberation of carbon dioxide. 

Try to interpret your observations. 
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Expt. h- To estimate the percentage of carbon dioxide in 
marble. 

Place about 40 c.c. of dilute hydrochloric acid in a beaker flask, and 
fit the latter with a cork, calcium chloride dr>^ing tube, and vertical 

tube which nearly touches the 
bottom of the beaker flask, as 



shown in Fig. 37. Weigh this 
apparatus together with a small 
ignition tube which is attached 
to a piece of thread, then reweigh 
with the ignition tube nearly full 
of powdered marble—the differ¬ 
ence in these t\^’o weights gives 
the weight of the marble. Now 
lower the small ignition tube into 
the beaker flask so that its mouth 
is just above the acid, then 
push the cork firmly into the 
mouth of the flask and shake. The 
carbon dioxide that is liberated 
escapes via the calcium chloride 
tube, which prevents loss of 
moisture. When all the marble 


Fig. 57. Apparatus for mc^uring per¬ 
centage of carbon dioxide in marble. 


has dissolved, warm the flask gently, and then draw a current of air 
through it for two minutes by attaching a pump to the open end of 
the calcium chloride tube. In this way all the carbon dioxide, whether 
dissolved or in the gaseous phase, is expelled from the flask. Reweigh 
the apparatus: the loss in weight, compared with the last weighing, 
gives the weight of carbon dioxide in the above weight of marble. 


QUESTIONS ON CHAPTER XVI 

1. From what sources is graphite obtained? Describe the pro¬ 
perties of graphite, and compare them with those of diamond. How 
has it been shown that graphite is a form of carbon? (O. and C.S.C.) 

2. How would you prove that graphite is an allotropic form of 
carbon? 
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Mention one other case of an allotropic element, and desyibe the 
preparation and properties of each of its forms. (O. and L.b.L.J 

V How would you prepare a sample of fairly pure carbon dioxide 
by a convenient laboratory method? Draw a sketch of the apparatus 
you would use. How would you proceed to show by one 
ment in each case (tf) that carbon dioxide is an acid anhydride, (/») that 
It is usually a non-supporter of combustion? Describe carefully what 
you observe when carbon dioxide is passed into lime-water. (L.b.L.j 

4. On what ground is the formula CO, assigned to carbon dioxide? 
A gas gives the characteristic reactions of carbon dioxide, but is 
suspected of containing a certain amount of carbon monoxide. Des¬ 
cribe and explain experiments you would pertorm to find out whether 
this was the case or not. (O- 

<. Why does lime-water become turbid when carbon dioxide is 
passed into it? Describe and explain /W dishnet methods u;hich 
could be employed to render the liquid clear again. (J.iM.ts.b.L.J 

6. Describe with necessary detail hoyv you would find the volume 

of carbon dioxide given off when 100 grams of marble were treated 
with dilute hydrochloric acid. (U.L.b.) 

7. What do you observe when carbon dioxide is passed for a long 
time through Ume-water? Give equations representing the reactions 

which take place. ,. / v j • i. 

W’hat happens when the final solution obtained is (a) treated with soap 

solution, (b) boiled, (0 treated with a solution of sodium carbonated 

Describe the “ permutit ” process for softening f 

how the “ permutit ” is restored (or revivified). (C.W .b.b.L.; 

8. Give an account of the natural phenomena that follow from the 

fact that carbon dioxide is soluble in water. (O.S.C) 

o. Give an account of /bree natural processes in which atmospheric 
carbon dioxide is involved. (O- C.S.C.) 

10. In what way is the composition of the atmosphere altered by 
the respiration of animals and the combustion of fuels? How is this 

effect counteracted by other natural changes? 

Describe how to find out the extent to which the air we breathe out 

differs in composition from ordinar>’ air. (U.b.L.) 

11. If a green plant is placed in a closed volume of air in daylight, 
what changes would you expect to result in the composmon ol the 
air? How would you demonstrate that these change 

what do you attribute them? (O- G.b.L.J 
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12. By what methods are metallic carbonates usually prepared? 

Give examples. What is generally the action of heat upon (a) normal 
carbonates, (b) bicarbonates? Three grams of a mixture of anhydrous 
sodium carbonate and sodium bicarbonate lost 0-348 gram on heating. 
Calculate the percentage of anhydrous sodium carbonate in the 
mixture. [Na = 23; C = i2; 0 = i6.) (L.G.S.C.) 

13. How is sodium bicarbonate prepared on a large scale? How 

does it differ from sodium carbonate? Mention some uses to which 
the bicarbonate is put. (O. and C.S.C.) 

14. Describe in outline one method for preparing sodium carbonate 

from sodium chloride. 

How may sodium carbonate be converted into (<j) sodium bicar¬ 
bonate, (h) sodium hydroxide? (O. and C.S.C.^ 



CHAPTER XVn 

CARBON MONOXIDE, FUELS AND FLAMES 

CARBON MONOXIDE 

Preparation of carbon monoxide. Carbon monoxide can be 
prepared in the laboratory by passing carbon dioxide over char¬ 
coal heated to a red heat in an iron tube : 

CO^-hC^zCO. 

The arrows in the equation indicate that the reduction is not 
complete, hence it is necessary to pass the carbon monoxide 
through a solution of sodium hydroxide to purify it from carbon 

dioxide: ^ 

aNaOH CO, = Na2C03 + H2O. 

This is not a good laboratory method for making the gas, because 
it is difficult to maintain the charcoal at a sufficiently high tem¬ 
perature. A better method is to drop formic acid, H^COa, from 
a tap funnel on to concentrated sulphuric acid which is being 
heated in a flask on a water bath (Fig. 58, p. 220): 

H2C02-H20=C0. 

The reaction is represented as a dehydration, because the sul¬ 
phuric acid removes the elements of water ” from the formic 
add without itself suffering a decomposition. Note that it is 
incorrect to say that water is removed from the formic acid 

because the latter does not contain water. 

The advantages of this method of preparing carbon monoxide 
are that (1) the rate of liberation of the gas can be easily controlled 
by adjusting the rate of addition of the formic acid, and (ii) the 

219 
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gas is substantiallv pure, since it only contains traces of acidic 
impurities and moisture. If required in a very pure condition, 
the gas should be collected over mercury after being passed 
through U-tubes containing pellets of caustic soda and granu- 

lated calcium chloride. 



Fig. )8. Preparation of carbon monoxide from formic add. 

A less convenient method of preparing carbon monoxide is to 
heat oxalic acid with concentrated sulphuric acid : 

(COOH), - H^O = CO + COj. 

An equal volume of carbon dioxide is produced at the same time, 
and has to be removed by washing the gas with a io% solution 
of caustic potash (Fig. 39, see p, 249 for wash bottle arrangement). 

Carbon monoxide is manufactured in the form of Producer 
Gas or Water Gas by blowing air or steam through red-hot coke, 
as described on pp. 224-225. 

Properties of carbon monoxide. Carbon monoxide shows 
a close resemblance to nitrogen in its physical properties. Thus 
it is colourless and odourless and has the same density as nitrogen, 
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whilst its solubility in water (5 vols. in too vols. of srater) is also 
similar to that of nitrogen (2 vols. in too vols. at 1; C.) 



The outstanding chemical property of carbon monoxide is its 
affinity for oxygen. Thus the gas burns in air with a blue flame, 

2CO + Oj = 2CO.;, 

and will reduce the oxides of lead, copper and iron when they 

are heated in the gas : 

PbO+CO = Pb + CO;., 

CuO + CO = Cu 4- CO2, 

FePs + 3CO ^ aFe + 3CO0. 

The last reaction is reversible, and is of fundamental import¬ 
ance in the manufacture of iron from its ores (p. 417)* These 
reductions should be compared with those on p. 144. wjien it 
will be seen that hydrogen and carbon monoxide are reducing 
agents of comparable strength, e.g. neither gas will reduce the 

oxides of zinc, calcium sodium, etc. 

Carbon monoxide is without action on indicators or alkalis, 

and is therefore a neutral oxide. In the presence of sunUght or of 
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active charcoal it will combine with chlorine to form an intensely 
poisonous gas called phosgene, COCU, which is of value in the 
dye industry. It will also unite with nickel to form a volatile 
liquid known as nickel carbonyl: 

Ni + 4CO=Ni(CO)i. 

This reaction is utilised in the Mond method for the manufacture 
of nickel from its ores. 

Carbon monoxide is used mainly as a fuel (p. 224), but is also 
employed extensively in the reduction of metallic oxides, such as 
ferric oxide (p. 417) and in the manufacture of a variety of 
organic products. 

Physiological properties of carbon monoxide. Carbon 
monoxide is a very poisonous gas, owing to the fact that it com¬ 
bines with haemoglobin, the oxygen carrier in the blood, to form 
carboxy-haemoglobin, which is relatively stable. The supply of 
oxygen to the tissues is thereby cut off and death soon results. 
A concentration of 1% of carbon monoxide in air is said to be 
fatal in two minutes. The exhaust gases from a motor car engine 
contain roughly 13% of carbon monoxide, so that it is extremely 
dangerous to run a car engine in a closed garage. 

Formula of carbon monoxide. Since carbon monoxide can 
be prepared from pure carbon and oxygen, its molecular formula 
must be C^O„, where x and j represent simple integers. Its 
relative vapour density is 14, so that its molecular weight of 28 is 
satisfied by the formula CO (12 + 16 = 28). This can be confirmed 
by exploding a measured volume of carbon monoxide with a 
known excess of oxygen in a eudiometer (p. 156), and estimating 
the carbon dioxide thus produced by the addition of a solution 
of potassium hydroxide. The following figures from an actual 
experiment will help to make the method clear. 

Volume of carbon monoxide in eudiometer at start = 20 c.c. 

Volume of oxygen added = 20 c.c. 
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Total volume before explosion = 4 ^ c-c* 

Volume after explosion ” 3 ° 

Volume after adding potassium hydroxide = oxygen = 10 c.c. 
Volume of oxygen used up =20-10 = 10 c.c. 

Contraction produced by adding potassium hydroxide 

= carbon dioxide = 50 - 10 = 20 c.c. 

Hence: 

20 C.C. of carbon monoxide + lo c.c. of oxygen - 20 c.c of 

carbon dioxide 


>) 


+ 1 vol. 


= 2V0ls. „ 


2 VOls. „ 

By Avogadro’s law : 

2« mols. carbon monoxide + » mols. oxygen = 2« mols. carbon 

dioxide 

„ =2 mols. „ » 


or 2 mols. 


+1 mol. 


The molecule of oxygen is known to be O. and that of carbon 
dioxide COo, hence; 

2 molecules of carbon monoxide +02 = aCOj; 

2 molecules of carbon monoxide = aCOj -02 = zCO. 


FUELS 

Introduction. Carbon and hydrogen and many of their com¬ 
pounds burn in air with the liberation of much heat, so that it is 
not surprising that these two elements, either alone or in coni- 
bination with one another, play a prominent part in the fuels 
used by man. The ultimate source of practically all fuels is either 
crude oil wood or coal. Crude oil consists mainly of compounds 
of carbon with hydrogen (so-called hydrocarbons), and has 
probably been formed by the decay of animal and vegetable 
matter millions of years ago. Wood is mainly composed of 
carbohydrates, that is, compounds of carbon with oxygen and 
hydrogen, the two latter elements being present in the same 

proportions in which they occur in water, e.g. C^2„0„. 
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Coal is mainly carbon (8o - 90%) with a small percentage of 
hydrogen, oxygen, nitrogen and other elements, and has been 
formed by the gradual decay of primeval forests, whereby a large 
proportion of the oxygen in the original woody matter has been 
eliminated. Peat, which has also been formed by the decay of 
\ egetable matter such as moss and ferns, contains a much larger 
percentage of oxygen (about 34%) than does coal, probably 
because it is of much more recent origin. The carbon in peat, 
like that in coal, is in the form of complex compounds. 

In the following paragraphs a description is given of the manu¬ 
facture of three gaseous fuels, namely, Producer Gas, Water 
Gas and Coal Gas. 

Producer gas. The gaseous mixture which is obtained by 
blowing air through red-hot coke is known as Producer Gas. 
It contains about 29% of carbon monoxide, of nitrogen and 
small quantities of other gases, such as carbon dioxide. The air 
is forced in at the bottom of the producer and burns the coke to 
carbon dioxide, but the latter is reduced to carbon monoxide as 
it passes up through the bed of red-hot coke : 

COo + C = 2CO. 

The hot gas is at about 1000® C. as it leaves the furnace, and very 
little of the original heat value of the coke is lost if it is not 
allowed to cool before it is burnt. If, however, a clean fuel is 
required, the gas is scrubbed with water, and about 30% of the 
heat value of the coke is then lost. The chief advantages of this 
fuel are that it is cheap, relatively clean and easily manipulated 
for heating retorts, etc. Its chief disadvantage is that it has a 
low calorific value owing to the large amount of nitrogen in it, 
and hence it does not pay to distribute it in mains. 

It is interesting to note that the reaction, 

CO2 + C = 2CO, 

takes place in an ordinary coke fire (Fig. 40), but air is drawn 
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over the top of the fuel so that carbon monoxide burns to carbon 
dioxtde, thereby producing a blue flame. In the case of a coal 
fire, volatile hydrocarbons are also given off from the coal an 

burn above the fuel with a 
yellow smoky flame, so that 
the blue flame of burning 
carbon monoxide is usually 
masked. The presence of the 
hydrocarbons is due to the c 
fact that the coal at the top 
of the fire is heated by the 
under coals, and thus gives off 
vapours similar to those which 
are expelled when coal is dis¬ 
tilled in a retort. 

Water gas. When steam is 
blown through red-hot coke, 

a mixture called Water Gas is . . • j • 

obtained. If the temperature of the coke is maintained m e 

neighbourhood of 1000° C. the main reaction is: 

H20+C = C0+H2, 

and the product contains about 50% of hydrogen, 41% 
carbon monoxide, 4% of carbon dioxide and a little nitrogen 
Since the reduction of the steam absorbs a large amount of heat 
the coke has to be heated up intermittently by a blast of air. It 
the temperature of the coke is allowed to fall much below 900 , 
the efficiency of the process is diminished as a lower percentage 

of steam is reduced. , 

Water gas has a higher calorific value than producer gas, and 

is therefore more suitable for the production of ffigh tempera¬ 
tures and for adding to coal gas (p. aa6). It is used in enormous 
quantities for the manufacture of hydrogen, the carbon monoxide 


Fig. 40. The combustion of coke 
or charcoal. 
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in it being oxidised to carbon dioxide by steam at 400®, in the 
presence of a catalyst such as iron : 

HoO + CO^COa + H.,. 

The carbon dioxide is removed by solution in water under pres¬ 
sure. However, the presence of the carbon monoxide is some¬ 
times very useful, e.g. methyl alcohol, CH3OH, is manufactured 
by adding more hydrogen to water gas, and passing the mixture 
under a pressure of 200 atmospheres over a suitable catalyst 
heated to 3 50® : 

C0 + 2H2 = CH 30 H. 

Coal gas. Coal gas is manufactured by distilling powdered 
coal in fireclay retorts heated to 1000® by the combustion of 
producer gas, which is generated in a coke furnace underneath 
the retorts (Fig. 41). The latter are usually placed vertically 



instead of horizontally, because they can then be charged and 
discharged continuously. 

The complex compounds in the coal are decomposed by the 
high temperature of the retort, and yield : 

(i) A solid residue of coke (85% carbon and a small quantity of 
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COAL GAS 

hydrogen, nitrogen, etc.) in the retort, together with a coating of 
gas carbon on the sides of the retort. Part of the coke is used 
for heating the furnaces^ and the rest is sold for domestic an 
industrial purposes. The gas carbon, which is a very pure form 
of amorphous carbon, is a good conductor of electricity, and is 
used for the electrodes of arc lamps and electric batteries. 

(ii) A mixture of gases and vapours which pass into a “ hy¬ 
draulic main ”, where some tar and ammoniacal liquor is con¬ 
densed. The gaseous mLxture then passes through air-cooled 
condensers, where most of the tar and some more ammoniacal 
liquor is deposited. The rest of the tar and ammonia are then 
removed from the gas by scrubbing it with water in the washer. 

The remaining impurities, which have to be got rid of 
the gas is fit for circulation, are now only hydrogen sulphide, 
H,S, and prussic acid, HCN. These are removed by passing 
the gas over trays of moist hydrated ferric oxide in the purifier : 

+ = + ferric sulphide; 

Fe^Os + 6HCN = 5H2O + 2Fe(CN)3, ferric cyanide. 

The ferric oxide is revived from time to time by exposure to the 
air, ^ ^ /c* 

2Fe.Sj + 302 = 2FeP3 + 6S, 

until it contains about 50% of free sulphur; it is then not 

worth reviving, and is called “spent iron oxide 

The purified coal gas which passes to the gasometer contains 
roughly 50% by volume of hydrogen, 33% of methan^ CH,. 7/0 
of carbon monoxide and smaller quantities of ethylene, C2H4 (4 /o). 
benzene, carbon dioxide and nitrogen, etc. The relauvely large 
percentage of carbon monoxide, which is responsible for the 
poisonous character of coal gas, is due to the fact that many works 
“ dilute ” their gas with a certain amount of water gas. 

Since hydrogen, methane and carbon monoxide burn with the 
liberation of much heat, but give very Httle light, the illuminating 

Pramp CoU -, 
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power of a gas flame is almost solely due to the combustion of 
the ethylene, benzene, etc. The use of a naked gas flame for 
lighting purposes is therefore grossly uneconomical, but this dis¬ 
advantage is avoided by using an incandescent gas mantle, which 
converts the heat energy of the flame into light energy. 

In conclusion, emphasis must be laid on the fact that the manu¬ 
facture of coal gas yields by-products of considerable industrial 
value. Thus the distillation of coal tar yields benzene, toluene, 
carbolic acid, naphthalene and anthracene, which are of great 
importance in the synthetic drug and dye industry ; whilst the 
residue of pitch left in the retort is used for road-making. The 

ammonia in the ammoniacal liquor is 
usually converted into ammonium sulphate 
(p* 323), an important artificial manure. 
The spent iron oxide is treated for the 
extraction of its cyanides, and the residue 
is then burnt to give sulphur dioxide for 
the manufacture of sulphuric acid (p. 299). 
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FLAMES 

Introduction, When gases react to give 
out heat and light a flame is said to be 
^ produced. Thus the flames above a coal 

Fig *42 Burning of combustion of inflam- 

coal gas and air. The gas mablc gascs such as carbon monoxide. 

The medium surrounding the flame is 

lamp glass is then placed in described as the supporter of combustion, 
position. 1 he gas is then .mi i i • i i • i 

turned on full, when the gas whilst the Other substance involved in the 

tiamc moves to the top of combustion is described as the combustible 
the lamp glass, whilst an 

air flame appears at the top substance. These terms are, however, 
of the air tube. purely relative. Thus coal gas ordinarily 

burns in air, but air can be made to burn in coal gas by means 
of the apparatus depicted in Fig. 42. 
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The structure of flames. The structure of a flame varies 
according to the gas which is being burnt and the apparatus 

which is being used. 

(a) The hydrogen flame. W'hen hydrogen is burnt at the end ot 
a tube, a non-luminous and almost colourless flame is produced 

which contains two cones, A and B, Fig. 43 - 
inner cone, Ay consists of hydrogen, which is 
not burning and is therefore comparatively cool. / 

The outer cone, B, consists of a mixture of 
hydrogen and air, which is burning and therefore 
comparatively hot. The reason for the two 
regions, ^ and B. is that hydrogen has to mingle Hyd'o 

with air before it can burn, and it is flowing 
too rapidly out of the tube for sufficient air to enter the region A 

(b) We candle flame. The wax of a candle is composed o 

a mixture of solid hydrocarbons, chiefly paraffins, of general 
formula (Part III, p. 605), which burn to carbon ffioade 

and water. When the wick of a candle is lighted, the heat so 
produced melts the paraffin wax: the resulting hquid is dra t n 
up the wick, vaporised and burnt, just as m the case of the 

paraffin oil of a lamp. . a n r onrl 

This flame is composed of four distinct regions, A B C and 

D, as shown in Fig. 44 - The centre region, is dark and 

relatively cool; it consists of paraffin vapour 

drawn off and burnt separately, as m the case 

of the hydrogen or Bunsen flames. The region B insists of a 

11 1 • in which partial combusuon is taking 

yellow lummous shell, in wmen p . . keat of 

place owing to the diffusion of a little ait into it. The heat of 
£ panialWmbustion and also that from ^ 
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bright blue region, D, where the combustion of the wax vapout 
is virtually complete, owing to the large amount of air drawn in 
round the base of the wick. A similar region, D (Fig. 46), 
occurs in the flame of a Bunsen burner when the air hole is shut. 

(r) The Bunsen flames. In the Bunsen burner, a sectional 
diagram of which is given in Fig. 45, coal gas is admitted through 
a narrow pin-hole in a nipple at the base of the burner. The 



Fig. 44. The candle 
flame. 



stream of gas rushes past an adjustable hole and draws in air, 
the quantity of which can be varied by adjusting the opening. 
The mixture of gas and air passes up the tube and is ignited at 
the top. The air introduced at the air hole is called the primary 
aify whilst that which enters the flame from the surrounding 
atmosphere is called secondary air. When the air hole is open 
the flame contains three distinct regions. A, B, C (Fig. 46, a)» 
The region which is dark and relatively cool, consists of a 
mixture of unburnt gas and air, as can be shown by placing a 
narrow tube in it and igniting the other end. The low tempera¬ 
ture of this region can be demonstrated by showing that a live 
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match head can remain in it for an indefinite period without 
igniting. The match should be suspended by spiking it with 

pin or needle, which is then laid 
across the mouth of the burner be¬ 
fore the latter is lighted. Similarly, 
if a thin iron wire is laid across the 
mouth of the burner, it will glow 
red-hot at the edges of the flame, 
but remain unchanged in the middle. 

The reason why region A exists 
is that the gas normally passes out 
of the burner at a greater rate than 
the wave of combustion passes 
downwards. The position of equi¬ 
librium between these opposing 
velocities is given by the cone 
where partial combustion is occur¬ 
ring with the help of primary air. 

However, the velocity of the com¬ 
bustion wave increases with the , , . . ,i„ 

proportion of air, so that if the supply of coal gas is graduaUy 

Unfinished, the cone B becomes flatter and eventually passes 
down the burner to the nipple. The flame is then said to have 
“ struck hack ”. Striking back is due therefore to the fac that 
the velocity of the combustion wave is greater than the velocity 
with which the gas passes up the tube of the burner. T e 
region B has a Ught “ Cambridge ” blue colour and is very hot, 
but it is almost non-lunfinous. Complete combustion of the 
coal gas takes place in the outer mantle C, with the help of 
secondary air from the surrounding atmosphere. 

When the primary air is cut off by closing the air holes, t e 
gas burns at the top of the tube with a luminous but not very hot 
Lme which is similar to the candle flame. Thus A, Fig. 46 (»), 



(a) Air hole open (b) Air hole shul 

Fic. 46. The flames of the 
Bunsen burner. 
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is a cool dark region, consisting of unchanged coal gas ; B is a 
yellow luminous region where partial combustion is taking place 
with the production of incandescent particles of carbon ; C is a 
faintly luminous zone where combustion is completed; and D 
a region of intense combustion which resembles region D of the 
candle. 

The student should examine the flame of a bat’s-wing burner, 
and try to distinguish and identify the various regions in it. 

EXPERIMENT 

Expt. 35. To distil coal and examine the products. 

Fill a hard glass boiling tube half-full with small lumps of coal, and 
fit it with a delivery tube leading to the bottom of another boiling 
tube, which contains about to c.c. of distilled water, and has an exit 
tube leading to a pneumatic trough and gas jar as shown in Fig. 47. 



Be careful to see that the boiling tube with the coal in it is clamped in 
a sloping position, so that the condensed vapours will not run back 
into the hot end and crack the tube. Now heat the coal, and after 
allowing the air to be displaced from the apparatus, collect two gas 
jars of gas. Apply a light to one jar, and after noting the effect add 
lime-water and shake. Place a filter paper soaked in a solution of lead 
acetate in the other jar and reseal with the glass plate. If the paper is 
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QUESTIONS 

blackened, hydrogen sulphide must be present. Now add lime-water 
to this jar, and, after shaking, compare the milkiness of this specimen 
with that in the first jar ; what conclusion can you draw? 

Note carefully the nature of the product in the condenser tube ; is 
it homogeneous? What happens when a portion of this liquid is 
warmed with caustic soda in a test-tube, and the vapour tested for 
ammoma by holding in the mouth of the tube a glass rod which has 

been moistened with Nesslcr’s solution.*' 

Examine the residue left in the coal tube ; what does it resemble? 


QUESTIONS ON CHAPTER XVII 

1. Describe with a sketch the apparatus and materials you would 
use to prepare a pure specimen of carbon monoxide. How would 
you endeavour to establish the molecular formula of this gas? 

2. If vou were given a mixture of carbon monoxide and carbon 
dioxide, how would you prepare a specimen of each of these gases in 
a state of purity? 

Give an account of the properties of carbon monoxide. 

(O. and C.S.C.) 


3. Describe in detail one method of preparing a jar of carbon 

monoxide free from carbon dioxide. How may carbon monoxide be 
distinguished from hydrogen, and how may it be shown to be a 
reducing agent? (C.W.B.S.C.) 

4. The gas evolved in a certain reaction is a mixture of the two 

oxides of carbon. Describe, with sketches of the apparatus, how you 
would (a) find the proportion of each gas present, (/>) obtain pure 
specimens of each from the mixture, (r) convert it entirely into carbon 
monoxide. (O.S.C.) 


5. State and explain how you would prepare and collect samples 
of (<j) carbon dioxide free from carbon monoxide, (b) carbon monoxide 
free from carbon dioxide, starting in each case from pure carbon. 
Make labelled sketches of the experimental arrangements used. 

What is “ water-gas ” and how is it made? Name fno principal uses 
of this gas. (CW.B.S.C) 

6. Describe a method for the preparation of carbon monoxide free 


from carbon dioxide. . j- -j 

In a quantitative oxidation of carbon monoxide to carbon diojude 
by passage over heated copper oxide, 5 litres of the dry monoxide, 
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measured at normal temperature and pressure, were passed through 
the apparatus, and the resulting carbon dioxide absorbed in potash 
bulbs. Calculate the loss in weight of the copper oxide and the gain 
in weight of the potash bulbs. (C.S.C.) 

7. Give an account of the gas produced when calcium carbonate 
is dissolved in hydrochloric acid, and the evolved gas passed slowly 
through a tube containing carbon heated to redness. How would you 
show that the final gaseous product is free from carbon dioxide? 

Calculate the volume of gas measured at s.t.p. which would be 
formed from one gram of calcium carbonate treated in this way. 
[C = 12, O = 16, Ca = 40.] (O. and C.S.C.) 

8. What are (^2) producer gas (air gas), {b) water gas, and how are 
they prepared? 

Mention the uses of these gases. 

How would you determine the percentage of carbon dioxide in a 
mixture of this gas and carbon monoxide? (C.S.C.) 

9. What do you know of the chemical changes involved in the 

lighting and burning of a coal fire, from the striking of the match 
onwards? (O.S.C.) 

10. Describe the manufacture of coal gas. Mention four important 
by-products, and give some account of the uses to which they are put. 

(S.L.C) 

n. How would you prove {a) that when coal gas bums it combines 
with a portion only of the air ; {b) that water and carbon dioxide are 
products of the combustion ; (c) that these two compounds are 

normally present in the air? (O.S.C.) 

12. Explain what is meant by “ combustion ”. 

Make a drawing of the Bunsen flame and explain why it is non- 
luminous. What accounts for the “ striking back ” which sometimes 
occurs? (J.M.B.S.C.) 

13. Describe and explain the structure of a Bunsen flame {a) when 
the air holes are open, and {b) when they are closed. Contrast the 
latter with the candle flame. 



CHAPTER XVin 


SILICA AND SILICATES 

Occurrence of silica, SiO^. The element silicon occupies the 
same prominent position in mineralogy as carbon occupies in 
vegetable and animal life. Thus silicon is the second most 
abundant element in the crust of the earth, occurring to the 
extent of 26% as compared with 50% of oxygen. Silicon is 
never found in the free state, but occurs almost exclusively as 
the oxide, silica or silicon dioxide, SiOj, which is found mainly 
in combination with metallic oxides in the form of silicates of 
complex structure, e.g. ordinary clay is impure aluminium 
silicate. Free silicon dioxide occurs as : 

{a) Quartz or Rock Crystal, which consists of hard trans¬ 
parent hexagonal prisms with pyramids at the top and base. It 
is often used for making spectacle lenses because it is not easily 
scratched. 

(h) Sand, which consists of multitudes of small semi-rounded 
pieces of quartz that have been weathered out of rocks. In the 
course of time the sand particles (if under water) become 
cemented together by the deposition of calcium carbonate, 
iron carbonate or iron oxide, etc., and form S.\ndstone, which 
is valuable for building purposes. The colour of sandstone is 
governed by the composition of the cement, e.g. oxide of iron 
gives colours ranging from brown to red. 

(r) Flint, which is an amorphous, that is, non-crystalline, 
variety of silica, occurs in chalk beds, and is coloured yellow, 
grey or black by oxides of iron. It is very hard, but can be 
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fractured to give sharp edges, hence its use to primitive man in 
the “ Stone Age 

(^) Kieselguhr, which is formed of the remains of small sea 
plants called diatoms, is almost pure amorphous silica. It is 
remarkable for its porosity, and is used to absorb the explosive 
nitro-glycerin, since the product, which is called Dynamite, is 
safer and more convenient to handle than liquid nitro-glycerine. 

Properties of silica. All the varieties of silica soften when 
heated to 1600®, and melt at about 1710°. In the plastic state 
silica can be worked or blown like glass, and as it has a very 
small coefficient of expansion (about one-fiftieth of that of ordi¬ 
nary glass) it is not cracked by temperature fluctuations, and is 
therefore used in the manufacture of heat-resisting apparatus. 
Plastic silica can be drawn into very fine threads, which are used 
in the construction of delicate physical apparatus because of their 
remarkable tensile strength. 

Silica is an acidic oxide, but is insoluble in water, and therefore 
has no effect on indicators. When fused with bases it forms 
silicates, e.g. : 

Ca0-i-Si02 = CaSi03, calcium silicate. 

This reaction is utilised in glassmaking, and also for getting rid 
of siliceous impurities in the manufacture of pig iron (p. 418). 

Silica is not attacked by acids, except hydrofluoric acid, which 
dissolves it as silicifluoric acid : 

Si02 + 6HF = 2H20 H-HaSiTg, silicifluoric acid. 

The same reaction takes place with glass, which is a mixture of 
silicates (p. 238), so hydrofluoric acid is used for etching glass. 

Silicic acid and sodium silicate. Sodium silicate, Na2Si03, 
is manufactured by fusing sodium carbonate with white sand: 

NagCOg + SiOj=Na 2 Si 03 + CO 2. 

A concentrated solution of this silicate is sold under the name of 
Water Glass for preserving eggs, etc. Thus when eggs are 
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immersed in a dilute solution of water glass, the pores become 
clogged with the silicate and the air necessary for putrefaction is 
unable to diffuse into the egg. 

When hydrochloric acid is added to a solution of sodium 
silicate, a gelatinous precipitate of silicic acid is obtained : 

Na^SiOa + 2HCI = zNaCl + H.SiOa. 

The hydration of the acid varies according to the condition of 
the experiment, so that a more correct formula would be 

Si02>^Ho0. 

When silicic acid is heated it loses water and forms an amorph¬ 
ous mass of silica, This reaction could therefore be used 

for the preparation of pure amorphous silica from crude sand. 
Thus the latter could be fused with a mixture of anhydrous 
sodium and potassium carbonates (the mixed carbonates fuse 
more easily than sodium carbonate) in a platinum crucible, as the 
mixture attacks the glaze of a porcelain crucible. The product 
could then be powdered in a mortar, boiled with water, and 
decanted to give a solution of sodium and potassium silicates, 
from which silicic acid could be precipitated by the addition of 
hydrochloric acid. The gelatinous mass must be washed well 
with water to remove soluble salts before it is ignited in a 
platinum crucible. 

A remarkable effect, the so-called Silica Garden, is produced 
when crystals of metallic salts are dropped into a gas jar half- 
filled with a solution of water glass of specific gravity i-i. The 
crystals start to dissolve, but the metal is immediately precipi¬ 
tated as a silicate, since only the silicates of the alkali metals are 
soluble in water. The precipitated silicate impedes, but does not 
prevent, the gradual solution of the crystals, with the result that 
a feather)' “ flower-like growth is produced. A good range of 
colours can be obtained by adding crystals of zinc sulphate 
(white), ferrous sulphate (green), copper sulphate (light blue). 
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cobalt sulphate (dark blue), manganese sulphate (pink), and ferric 
chloride (brown). 

Glass. Common window glass is manufactured by fusing a 
mixture of sodium carbonate, limestone and white sand in a 
furnace heated to about 1400°. The product, which consists of 
a mixture of silicates such as: 

NaoCOj + SiO, = CO2 + Na2Si03, sodium silicate, 

CaCOg + SiOj = COj + CaSiOj, calcium silicate, 

is run out of the furnace in a molten condition and rolled into 
sheets or blown into bottles, etc. If iron is present in the sand a 
green glass is obtained which is only suitable for cheap bottle-ware. 

Glasses with different properties can be produced by fusing 
sand with different bases. For example, if potassium carbonate 
is used in place of soda, a hard glass is obtained which is more 
suitable than soda glass for many laboratory purposes, since it 
softens less easily and is more resistant towards chemical re¬ 
agents. Flint-glass, prepared by using litharge, PbO, in place of 
lime, contains lead silicates; it is softer and has a higher refractive 
index than ordinary glass, and hence is more suitable for the 
manufacture of “ cut ” glass-ware, because it is more easily worked 
and gives a more brilliant sparkle. The sparkle of cut glass is 
due to internal reflection, which increases with the refractive 
index and the degree of cutting of the glass. Incidentally the 
readiness with which the oxides of lead form silicates accounts 
for their destructive action on heated test-tubes. Coloured glasses 
are manufactured by adding a metallic oxide which yields a 
silicate of the appropriate colour. Thus blue glass can be 
obtained by adding cobalt oxide, and violet glass by adding 
manganese dioxide. 

Glass is described as a super-cooled liquid, because it gradually 
“ solidifies from the molten state without cry^stallising, i.e. its 
molecules have the random distribution of a liquid and not the 
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orderly arrangement of a crystalline solid. It may be supposed 
that when molten glass is cooled its viscosity increases to such 
an extent that the molecules have no opportunity of occupying 
the regular positions that they would have in the cr}-stalline state. 
That glass is a super-cooled liquid is shown by the fact that it 
gradually softens as its temperature is raised, and eventually turns 
to a mobile liquid, but at no stage in this transformation is there 
any sign of melting. 

Ordinary glass is virtually insoluble in water and acids (except 
hydrofluoric acid, p. 256), but is appreciably attacked by hot con¬ 
centrated alkalis, so that alkaline liquids should not be evaporated 
in glass or glazed vessels. 

Bricks, pottery and porcelain are manufactured by firing in 
special kilns clays of varying degrees of purity. The hardening 
which occurs on firing is due to loss of water and to a partial 
fusion of the silicates in the clay. The product is porous, but 
can be made impervious to liquids by glazing. In this process the 
article is covered with a suitable paste of oxides and silicates, 
and is then dried and fired so that the paste fuses and unites 
chemically with the surface of the article to form a glassy film. 
Earthenware drain pipes and cheaper goods are glazed by throw¬ 
ing salt into the furnace where the clay is being baked. The salt 
interacts with the surface of the clay forming a thin layer of fused 
silicates which set like glass. 

QUESTIONS ON CHAPTER XVlll 

1. What is silica? Starting with the naturally occurring substance 

describe how you would obtain {a) water glass, (b) a solution of silicic 
acid, and (c) pure silica. (L.M.) 

2. How may silica be obtained from glass? To what class of oxides 

should silica be assigned and for what reasons? (L.M.) 

3. Give the names of three of the forms in which silica occurs in 

nature. How would you prepare from silica (a) a solution of sodium 
silicate, (b) a solution of silicic acid? (L.M.) 
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CHAPTER XIX 

CHLORINE. HYDROGEN CHLORIDE AND CHLORIDES 

Introduction. The four non-metallic elements, fluorine, chlo¬ 
rine. bromine and iodine show a general resemblance to one 
another in their properties. In particular they unite directly with 
all metals to form salts, e.g.: 

aNa + CI2 = zNaCl (sodium chloride), 

Hg +I2 =Hgl2 (mercuric iodide). 

For this reason they are known as the halogens (Greek hals^ salt, 
and gen, beget), and the group of four elements is called the 
Halogen Family. The halogens are principally univalent in their 
compounds, though they also exhibit higher valencies. They 
unite with hydrogen to form the hydrides, hydrogen fluoride, 
HF, hydrogen chloride, HCl, hydrogen bromide, HBr, and 
hydrogen iodide, HI, which dissolve in water to give strongly 
acidic solutions. 

CHLORINE. Cl = 55-s 

Occurrence. The principal source of chlorine is common 
salt or sodium chloride, NaCl, which occurs to the extent of 
2’6% by weight in sea-water. The vastness of this source can 
be visualised from the statement that if all the oceanic salt was 
crystallised out it would be sufficient to cover the' surface of the 
earth to a depth of 100 ft. In addition, there are very large 
deposits of salt in various parts of the world, notably in Galicia, 
where the beds are 500 miles long, 20 miles wide and 1200 feet 
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in depth. In England the most important salt beds are in Cheshire 
and Yorkshire. All deposits of salt owe their origin to the 
evaporation of internal lakes and seas. 

Chlorine is also found in combination with other elements such 
as magnesium and potassium, but these compounds are really 
of little importance as sources of chlorine, although they are of 
value as sources of magnesium and potassium. 

Preparation of chlorine. Chlorine is usually prepared in the 
laboratory by heating concentrated hydrochloric acid with man¬ 
ganese dioxide, and collecting the gas by the upward displace¬ 
ment of air (Fig. 48): 

MnOg + 4HCI = MnClg + CI2 + zHgO. 



Fig. 48. Preparation and collection of chlorine. 

The hydrochloric acid is said to be oxidised to chlorine because 
its hydrogen has been removed (see p. 172). The chlorine 
thus prepared is rather impure, as it contains a good deal of 
hydrogen chloride and some moisture. It can be purified by 
washing with water to remove the hydrogen chloride, which is 
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very soluble, and then drying with sulphuric acid or calcium 
chloride. 

A purer specimen of chlorine is obtained by dropping cold 
concentrated hydrochloric acid on to crystals of potassium per¬ 
manganate, as in Fig. 49 • 

aKMnO^ + 16HCI ^aKCl + zMnCk + 5CI2 + 8HA 

This reaction takes place rapidly in the cold, so that the supply 
of chlorine is regulated by adjusting the rate at which the hydro¬ 
chloric acid is added. Since heat is not required, the chlorine 
contains much less hydrogen chloride and moisture than when 
it is prepared by the manganese dio.xide method, and is suffi¬ 
ciently pure for most purposes ; but if required in a very pure 
state it is washed with water to remove the hydrogen chloride, 
and is then dried by sulphuric acid. 

In Expt. }6 the chlorine is collected by the upward displace¬ 
ment of air, since it is about two and a half times denser than 



Fio. 49. Preparation of pure chlorine. 


air ; it can also be collected over hot water, but it is too soluble 
to be collected over cold water. 

Finally, chlorine is occasionally prepared in the laboratory by 
the action of a cold dilute acid on bleaching powder, Ca(OCl)2, 
but this method is of more value in the bleaching industry, as 
described on p. 254 : 

Ca(OCl)2 + 4HCI = CaCl^ -h zCl^ -h iH^O. 
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Manufacture of chlorine. Formerly chlorine was manufac¬ 
tured by the Weldon or Deacon processes (pp. 258-259), but 
now practically the whole of the chlorine used in commerce is 
obtained as a by-product of the manufacture of sodium hydroxide 
by the electrolysis of a solution of sodium chloride (p. 595). 

It is an odd fact that the manufacture of sodium hydroxide by 
the electrolytic method is limited by the demand for chlorine, 
since the latter is too poisonous to be discharged into the air 
and methods for converting it into harmless waste products are 
too expensive to be economic propositions. For this reason the 
manufacturer of electrolytic sodium hydroxide is constantly 
exploring new avenues for the sale and use of chlorine and its 
derivatives. Thus, whereas in the nineteenth century chlorine 
was manufactured by the oxidation of hydrogen chloride, the 
position is now reversed and much hydrogen chloride is produced 
by burning hydrogen in chlorine : 

H2-HCl2 = 2Ha 

Physical properties of chlorine. Chlorine is a greenish- 
yellow gas with a pungent smell. It is fairly soluble in water, 
one volume of which dissolves nearly three volumes of chlorine 
at room temperature. It is about two and a half times denser 
than air, and is therefore collected in gas-jars by the upward dis¬ 
placement of air, or over hot water, in which it is only sparingly 
soluble. 

Combination of chlorine with hydrogen. In diffused day¬ 
light chlorine combines slowly with hydrogen, but in bright 
sunlight the reaction is explosively violent: 

Hj + Clg^aHCI. 

The great affinity of chlorine for hydrogen is shown by the 
following facts: 

(i) A jet of burning hydrogen will continue to burn in a jar of 
chlorine. 
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(ii) A burning wax taper will also continue to burn, but with 
a very smoky flame. The reason for this is that the chlorine 
unites with the hydrogen of the hydrocarbons, C„H2„+2> ^ 
wax of the taper, and leaves free carbon : 

C„H2„.2 +(" +0Cl2 = '^C +(2/; +2)HC1. 

(iii) A piece of cotton wool soaked in hot turpentine, 

will burn spontaneously when plunged into chlorine gas leaving 
a residue of soot: 

C10H16 +8Cl2= loC +16HCI. 

(iv) Hydrogen chloride and a deposit of sulphur are obtained 
when chlorine is mixed with hydrogen sulphide : 

H2S +a2=2HCi +s. 

Combination of chlorine with other non-metals. White 
phosphorus (so-called yellow phosphorus) ignites spontaneously 
in chlorine, forming phosphorus tri- and penta-chlorides : 

2P +5Cl2 = 2Pa3, and PCl3+Cl2=PCl5. 
but carbon, oxygen and nitrogen are not attacked. 

Combination of chlorine with metals. Under suitable 
conditions all metals react with chlorine, e.g. sodium, zinc and 
iron burn when heated in the gas forming chlorides ; 

zNa+Cl2= zNaCl; Zn + Cl2 = ZnCl2; 
zFe +3Cl2= zFeClj, ferric chloride. 

It should be noted that ferrous chloride, FeClg, is obtained by 
the action of hydrochloric acid on iron. 

Reaction of chlorine with water. When chlorine dissolves 
in water, it interacts with it reversibly, forming traces of hydro¬ 
chloric acid and hypochlorous acid : 

HaO+Cla^HClO + HCl. 
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Since hypochlorous acid is a very powerful oxidising agent, 
chlorine wafer (or moist chlorine) can effect oxidations which can¬ 
not be brought about by dry chlorine. Thus, moist chlorine 
reddens and then bleaches blue litmus, the first effect being due 
to the hydrochloric acid, and the second to the hypochlorous 
acid ; the litmus dye being oxidised to a colourless compound. 
Similarly, moist, but not dry, chlorine will bleach writing ink, 
Turkey red twill cloth and the colouring matter in most flowers. 
These bleaching actions, which are due to the oxidation of a dye 
to a colourless compound, may be represented by the equation : 
Dye + HCIO = (Dye+O) + HCL 

(coloured compound) (colourless compound) 

When chlorine water is exposed to sunlight, oxygen is liberated 
and hydrochloric acid is formed according to the equation : 

This change may be demonstrated by filling a tube 
with chlorine water and inverting it in a strong 
solution of brine. Fig. 48^, to prevent as far as 
possible loss of chlorine to the atmosphere. 

After exposure to sunlight for a day or so, the 
colourless gas which collects in the top of the tube 
may be shown to be oxygen by the glowing splint 
test. 

Reactions of chlorine with alkalis. Chlorine 

reacts with cold dilute alkalis to give a chloride comiwsttion ^of 
and hypochlorite, provided an excess of alkali chlorine water, 
remains. Thus sodium chloride, NaCl, and sodium hypochlorite, 
NaClO, are formed when chlorine is passed into a cold dilute 
solution of sodium hydroxide : 

aNaOH +Cl2 = NaCl +NaC 10 +HA 
and potassium chloride and hypochlorite when potassium hy¬ 
droxide is used : 

2KOH +C 1 , = KC 1 +KC 10 +H2O. 
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When an excess of chlorine is passed into a hot concentrated 
solution of an alkali, a chloride and chlorate are formed; e.g. 
under these conditions, sodium hydroxide is converted into 
sodium chloride and sodium chlorate, NaC103: 

6NaOH + 5Cl2 = sNaCl +NaCI03 + 3H2O. 

The reaction with potassium hydroxide is similar, viz.: 

6KOH + 3CI2 = jKCl + KCIO3 + sHjO. 

Reaction of chlorine with ammonia. Chlorine reacts with 
an excess of ammonia to give nitrogen and ammonium chloride 
as represented by the equation : 

SNHj-f 3Cl2=N2 + 6NH4Ci, ammonium chloride. 

The interaction is not quite as simple as the equation suggests; 
instead it probably proceeds in the following stages : 

NH3 + 3CI2 =3HCl + NCl3, nitrogen trichloride, 

NCl3 + NH3= Nj +3HCI, 

NH3 + HCI ^NH^Cl. 

The middle equation emphasises the affinity of chlorine for 
hydrogen, and the first equation represents the main action when 
chlorine is in excess. 

Reaction of chlorine with bromides and iodides. Chlo¬ 
rine has a greater affinity for metals than have bromine and iodine. 
It is therefore able to displace these elements from bromides and 
iodides, e.g. it reacts with potassium bromide, in aqueous solu¬ 
tion or in the solid state, to give potassium chloride and bromine, 

zKBr + Clj = 2KCI + Bta, 

and with potassium iodide to give potassium chloride and iodine: 

zKI + Cls^iKCl+Is- 

The bromide and iodide are said to be oxidised to free bromine 
and iodine ; the reason for regarding these changes as oxidations 
is discussed in Chapter XIV, p. 172 
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Uses of chlorine. Large quantities of chlorine are now used 
directly in the bleaching of cotton, linen and wood pulp. For this 
purpose the element is liquefied and transported in steel tanks ; it 
can then be dissolved in water and the solution used for bleaching. 

Chlorine is used in the manufacture of bleaching powder, 
Ca(OCl)2, (p. 254), sodium hypochlorite, NaOCl, hydrochloric 
acid (p. 248), bromine (p. 265), dyes, drugs (e.g. chloral, CCI3. 
CO. H), insecticides (e.g. D.D.T., Q^HgCla, and “ Gamme- 
xane ”, CgHgCle) and non-inflammable solvents such as carbon 
tetrachloride, CCI4, and “ Westrol ”, CoHClg. Since the element 
has powerful germicidal properties, it is widely employed in the 
sterilisation of water for industrial and domestic use. 

COMPOUNDS OF CHLORINE 

Preparation of hydrogen chloride. Hydrogen chloride is 
prepared in the laboratory by the action of warm concentrated 
sulphuric acid on Rock Salt (Expt. 37), the crystalline mineral 
form of sodium chloride : 

NaCl + H2S0,=NaHS04 + HCl. 

The second stage in this reaction, namely, 

NaCl + NaHS0,=:Na2S04 -F HCI, 

requires too high a temperature to be carried out conveniently in 
the laboratory. The hydrogen chloride is either collected by the 
upward displacement of air, or dissolved in water by one of the 
methods described on p. 249. 

Hydrogen chloride was formerly manufactured on a very large 
scale by the above method (which was the initial stage in the 
Leblanc process for the manufacture of sodium carbonate, p. 212), 
and is still obtained in this way because of the demand for sodium 
sulphate. The calculated quantity of chamber sulphuric acid 
is added to salt in a shallow cast-iron pan, A (Fig. 50), and 
the mixture is heated to a moderate temperature by flue gases let 
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in at /i, /j. Hydrogen chloride gas is given off in a copious 
stream, and is led off via the pipe, p, to the water absorbers. The 
second stage of the interaction, viz. : 

NaHSO, + NaCl = Na + HCl 


is then brought about by raking the paste of salt and sodium 
hydrogen sulphate on to the hearth of the fireclay furnace, By 

which is heated externally by 



hiG. 50. Furnace for the manufacture 
of hydrogen chloride and sodium sul¬ 
phate from salt. 


burning producer gas (p. 224) 
from the furnace C. The hy¬ 
drogen chloride thus set free is 
led away via the pipe dy and 
dissolved in water in which it is 
very soluble. 

A good deal of hydrogen 
chloride is now manufactured 


from the hydrogen and chlorine which are obtained as by-pro¬ 
ducts in the manufacture of sodium hydroxide (pp. 395 ‘ 39 *^)* 
In one large works jets of chlorine are “ burnt ” in large glass 
jars into which an excess of hydrogen is passed : 


H3 + Cl2 = 2Ha. 


The resulting hydrogen chloride is then passed to the water 
absorbers to give commercial hydrochloric acid of about 28% 
strength, or fuming hydrochloric acid of about 36% strength. 

Physical properties of hydrogen chloride. Hydrogen 
chloride is a colourless gas which fumes strongly in moist air as 
it causes the condensation of the water vapour. It has a pungent 
suffocating odour, and is very soluble in water, one volume of 
which dissolves no less than 500 volumes of the gas at o® C, 

On account of its great solubility it is necessary to use a special 
method for dissolving hydrogen chloride (and other very soluble 
gases) in water, since, if the delivery tube from the generator is 
placed under water, the gas dissolves so rapidly that the pressure 
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falls inside the generator and water is forced into it by the 
pressure of the atmosphere. This may happen even when the 
generator is fitted with a thistle tube, as in Fig. 48, p. 241, though 
it is much less probable than when a scaled generator (Fig. 49, 
p. 242) is used : why? 



Fig. 51. Apparatus for dissolving very soluble gases in water. 


In one method (Fig. 51, ^2) the delivery tube is attached to an 
inverted funnel, the mouth of which is just immersed in a beaker 
of water. When the water is sucked about half-way up the in¬ 
side of the funnel, the level of the water in the beaker falls below 
the mouth of the funnel so that air is sucked in. In this way 
water is prevented from passing up the deliver)' tube. 

The inverted retort of Fig. ji, works on the same principle, 
and is more efficient than the funnel device, but the best method 
is to use two Dreschel bottles, which are joined together by the 
centre tubes as depicted in Fig. 51, The generator tube is 
attached as shown in the diagram, and either of the bottles 
is filled about half-full of water so that sucking back to the 
generator is impossible. 
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Chemical properties of hydrogen chloride Hydrogen 
chloride gas is not inflammable, though it can be oxidised by air 
at 450® using a catalyst such as cupric chloride (p. 259): 

4HCI +02 = 204 +2H2O. 

It unites with ammonia gas to give white fumes of ammonium 
chloride : 

NH3 + HC 1 =NH^C 1 , 

and this is used as a test for either hydrogen chloride or ammonia. 

In the absence of moisture, hydrogen chloride is devoid of 
acid properties, and even the above reaction with ammonia will 
not take place. For this reason the gas is usually referred to as 
hydrogen chloride and its solution in water as hydrochloric acid. 
The acid properties of moist hydrogen chloride are the same as 
those of its solution. Thus hydrochloric acid : 

{a) Turns blue litmus red and methyl orange red. 

{b) Acts on many metals (viz. K, Na, Ca, Mg, Al, Zn, Fe, Sn, 
etc.) to give a chloride and hydrogen, e.g. with zinc and iron 
the reactions are : 

Zn + 2HCl=H2 + ZnCl2 (zinc chloride), 

Fe + 2HCI =H2 + FeCl2 (ferrous chloride), 

Lead, copper, mercury, silver and gold are virtually unaffected 
by the acid, but they are dissolved by a mixture of one part of 
concentrated nitric acid and three parts of concentrated hydro¬ 
chloric acid ; this mixture is therefore called Aqua Kegia because 
it dissolves gold, the king of the metals. 

(r) Reacts with bases to form a chloride and water, e.g.: 

CuO + 2HCI = CuCl2 + HjO. 

{d) Attacks most carbonates to give a chloride, carbon dioxide 
and water, e.g.: 

CaC03 + 2HCI = CaC 4 + CO^ + H^O. 
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In addition, hydrochloric acid is a mild reducing agent, e.g. tlie 
hot concentrated acid is oxidised to chlorine by manganese 
dioxide : 

4HCI + MnOj - MnCU - Cl., + zH.p. 

The formula of hydrogen chloride. Hydrogen chloride can 
be prepared by burning hydrogen in chlorine ; it is therefore 
composed of these elements only, and we can write down its 
formula as: 

H,C1„ 

where x and j are whole numbers. Its relative vapour density is 
about 18-2, so that its molecular weight is in the neighbourhood 
of 36-4. Now, since the chlorine atom weighs 55-5 units, it is 
clear that must be equal to one, and probably x also. The 
molecular formula, HCl, is confirmed by the volumetric com¬ 
position of the gas, viz. : 

I vol. hydrogen + i vol. chlorine = 2 vols. hydrogen chloride. 
Hence by Avogadro’s law : 

« mols. hydrogen+// mols. chlorine = 2/7 mols. hydrogen 
chloride ; 

1 mol. hydrogen + 1 mol. chlorine = 2 mols. hydrogen chloride. 
But the hydrogen and chlorine molecules are known to be 
diatomic. Hence : 

Ho+ 01 , = 2 mols. hydrogen chloride = 2HC1. 

The molecular formula, HCl, is also in harmony with the fact 
that the acid is monobasic, that is, contains only one acidic 

hydrogen atom in its molecule. 

The volumetric composition of hydrogen chloride ma\ be 
established by using the apparatus depicted in Fig. 52. The 



Fic. 52 . Volumetric composition of hydrogen chloride. 
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limb A of the apparatus is filled with hydrogen (two volumes), 
and the limb iJ, which is half the si2e of A, is filled with chlorine 
(one volume). The gases are allowed to mix by opening the 
central tap, 7’„ and the apparatus is left exposed to diffused day¬ 
light for two or three days to bring about the combination of 
the chlorine and hydrogen. When the greenish colour of the 
chlorine has disappeared, indicating that the combination is 
complete, the tap, Tj, is opened under mercury to show that no 
alteration in the total volume of the gases has occurred, i.e. 
hydrogen and chlorine unite to form hydrogen chloride without 
alteration in volume. When, however, the same tap is opened 
under water^ the level of the water rises inside the apparatus up 
to T2, showing that two volumes of hydrogen chloride have 
been formed. The residual gas (one volume), which cannot be 
chlorine because it is colourless and insoluble in water, may be 
proved to be hydrogen by opening tap, T3, and applying a taper. 
It is thus established that: 

2 vols. hydrogen + i vol, chlorine = i vol. hydrogen -l- 2 vols. 
hydrogen chloride. 

Hence : 

I vol. hydrogen + i vol. chlorine = 2 vols. hydrogen chloride. 

Preparation of the metallic chlorides. The metallic 
chlorides are the salts derived from hydrochloric acid ; they may 
be prepared by the following methods: 

(i) By the action of chlorine on a metal, e.g. ferric and stannic 
chlorides are prepared by heating iron and tin in chlorine : 

2Fe + 3Cl2 = 2FeCl3 (ferric chloride) ; 

Sn + 2CI2 = SnCl4 (stannic chloride). 

(ii) By the action of hydrochloric acid on a metal, e.g. ferrous 
and stannous chlorides are obtained in this way : 

Fe + 2HCI = Hg + FeClj (ferrous chloride); 

Sn + 2HCI = Hg + SnCU (stannous chloride). 
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Note that chlorine attacks these metals to give the higher 
chlorides. 

(iii) By the action of hydrochloric acid on an alkali or basic 
oxide, e.g. : 

KOH + HCl ^H.O + KCl (potassium chloride); 

CuO +2HCl = H20 + CuCl2 (cupric chloride). 

(iv) by the action of hydrochloric acid on a carbonate : 

Na^COa + 2HCI = 2NaCl + CO, + H ; 

CaCOa +2HCUCaCl2 +C0, + H20. 

(v) By double decomposition with a soluble chloride, e.g. 
silver chloride is precipitated by the double decomposition of 
silver nitrate and sodium chloride : 

AgNOa + NaCl = NaNO^ + AgCl. 

These methods for making chlorides should be compared with 
the general methods for making salts, as described on p. 129. 

Properties of the metallic chlorides. The metallic chlorides 
are usually white solids, but hydrated ferrous chloride. FeCU, 
4H20,,is pale green; ferric chloride, FeClg, is dark brown; 
and hydrated cupric chloride, CuClj.aHgO, is green. They are 
generally very soluble in water, e.g. zinc and calcium chlorides 
are so soluble that they are deUquescent. but lead chloride is only 
sparingly soluble and silver chloride is ver)^ insoluble in water. 

Chlorides are attacked by hot concentrated sulphuric acid to 
give hydrogen chloride gas and a sulphate : 

NaCl + H 2SO4 = NaHSO, + HCl. 

It must not be thought from this action that sulphuric acid is a 
stronger acid than hydrochloric acid; on the contrary, hydro¬ 
chloric acid is the stronger acid, but it is displaced from its salts 
because of its extreme volatiUty. Thus, if equivalent quantities 
of dilute sulphuric acid and hydrochloric acid are added to an 
equivalent quantity of caustic soda, the hydrochloric acid takes 
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nearly two-thirds of the base, leaving the sulphuric acid with 
little more than one-third of it: 

NaCl + H^SO, ^ NaHSO^ + HCl; 

but in hot concentrated solution the reaction goes completely to 
the right, because the hydrochloric acid escapes as a vapour. 

Chlorides are usually detected by the fact that in solution they 
react with silver nitrate to give a white precipitate of silver 
chloride, which is insoluble in nitric acid but soluble in ammonia. 
They may also be detected by the fact that they give chlorine 
when heated with a mixture of manganese dioxide and concen¬ 
trated sulphuric acid, e.g. : 

zNaCl + 3 H^SO, + MnO, = MnSO^ + 2NaHS04 -I- Cl.^ + zH^O. 
This reaction, which is sometimes used to prepare chlorine, pro¬ 
ceeds, of course, in two stages, as represented by the equations : 

zNaCl + 2H,S04 = 2NaHS04 -f- zHCl, 

MnOa -HH2SO4 + 2HCI =MnS04 -h CU -h aH^O. 

Bleaching powder. Bleaching powder is a mixture, the 
principal constituents of which are calcium hypochlorite, 
Ca(OCl)2, and basic calcium chloride, CaCl2,Ca(0H)2,H20, but 
since its most important chemical properties are due to the hypo¬ 
chlorite, it is represented by the formula Ca(OCl)2 in the follow¬ 
ing paragraphs. 

{a) Preparation. In one manufacturing process slaked lime is 
gradually raked over and down the eight floors of a cylindrical 
tower, which is made of reinforced concrete and protected with 
a coating of Stockholm tar and fireclay. Chlorine is passed up 
the tower from the bottom but one floor, and is brought into 
intimate contact with the slaked lime by means of mechanical 
rakes. The formation of calcium chlorate is largely prevented 
by keeping the temperature down by circulating cold water 
through pipes inside the lower floors. The bleaching powder is 
freed from uncombined chlorine by a blast of hot air in the bottom 
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chamber, and is then mechanically discharged into wooden tubs; 
it contains from 36-40% of available chlorine, i.e. chlorine which 
can be liberated by a dilute acid. 

{b) Properties. Bleaching powder is a white powder which is 
hygroscopic but not deliquescent, i.e. it absorbs moisture without 
liquefying. Its characteristic odour is due to the action of 
atmospheric carbon dioxide, which liberates hypochlorous acid, 
HCIO, as represented by the equation : 

Ca(OCl)2 + CO, + H20 = CaC03 + 2HCIO. 

Dilute acids react with bleaching powder to give chlorine; 
for example, with hydrochloric acid the reaction is: 

a(OCl)g + 4HCI = CaCl2 + zCij + 2H2O; 

but with other dilute acids the presence of the basic chloride has 
to be included in the equation. To avoid this complication 
some people prefer to represent bleaching powder by the approxi¬ 
mate formula, CaOCl^; the reaction with any dilute acid cah 
then be represented by a simple equation, e.g.: 

CaOCl^ + H2SO4 = CaS04 + + np. 

When bleaching powder is heated, the hypochlorite decom¬ 
poses into the chloride and oxygen ; 

Ca(0Cl)2=CaCl2 + 02. 

This decomposition can be effected at a lower temperature by 
warming with a cobalt salt, which acts as a catalyst. 

The principal use of bleaching powder is for bleaching cotton, 
linen and paper pulp, etc. The fabric to be bleached is usually 
cleaned by boiling with dilute soda, NaoCOg, or sodium hy¬ 
droxide. It is then dipped in a solution of bleaching powder, 
followed by a solution of dilute sulphuric acid to liberate the 
chlorine. The residual chlorine in the fabric is removed by wash¬ 
ing with water, followed by a dilute solution of an antichlor, like 
hypo, which reduces the chlorine to chloride. It is essential to 
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get rid of all the free chlorine, since otherwise it will slowly rot 
the fabric. Substances such as wool and straw are damaged by 
chlorine, and therefore have to be bleached by sulphur dioxide 
(p. 298) or hydrogen peroxide. In the past, bleaching powder 
owed its commercial popularity to the ease with which it could 
be transported, but it is now being displaced, in part at any rate, 
by liquid chlorine which can be conveyed in steel cylinders. 

Potassium chlorate, KClOg, is formed together with potas¬ 
sium chloride by the action of chlorine on a hot strong solution 
of potassium hydroxide : 

6KOH + 5CI2 = jKCI + KCIO3 -4- 3H2O. 

It is manufactured by electrolysing a hot solution of potassium 
chloride in such a way that two of the products of electrolysis, 
namely potassium hydroxide and chlorine, are allowed to 
interact; the net result of the electrolysis can therefore be repre¬ 
sented by the equation : 

KCl -H 5H2O =KCI 03 + jHo. 

Potassium chlorate is a white cr>'stalline solid which is only 
sparingly soluble in cold water: yj grams dissolving in 100 
grams of water at 15®. When cautiously heated it melts, and 
gradually decomposes into potassium chloride and potassium 
perchlorate, 

4 KC 103 = KC1 + 5KC10^ ; 

but if it is heated strongly, oxygen is evolved as indicated by 
the equation : 

2KC103 = 2KC1-H302. 

This decomposition is effected at a much lower temperature by 
adding manganese dioxide, which acts as a catalyst; and since 
the yield of oxygen is large, these materials are normally used for 
the preparation of oxy'gen in the laboratory. Incidentally, the 
high percentage of oxygen by weight in potassium chlorate 
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accounts for the fact that it is used as an oxidising agent in fire¬ 
works, matches and photographic flash powders, etc. 

*VC'hen potassium chlorate is heated with concentrated sul¬ 
phuric acid, a brownish yellow explosive gas, chlorine dioxide, 
CIO,, is evolved : 

3KCIO3 + = 3KHS0^ + HCIO^ + zClO., + H^O. 

This reaction is typical of all chlorates, and is therefore used as a 
laboratory test for the chlorate radical, but it is essential to use 
only a small quantity of the suspected salt, otherwise there may 
be a violent explosion instead of a series of harmless crackles. 

HISTORICAL NOTES 

Hydrochloric acid. Although the preparation of aqua regia, by 
mixing ammonium chloride with nitric acid, is described in the “ Works 
of Geber ” (1200 a.d.?), hydrochloric acid was probably not isolated 
until the middle of the seventeenth century, when Glauber distilled 
salt with sulphuric acid and dissolved the pungent fumes in a receiver 
containing water. Sulphuric and nitric acids were discovered cen¬ 
turies earlier, because they were liquids and not gases, and therefore 
easily isolated. Glauber called his new acid Spirit of Salt, but the 
name Muriatic Acid (Latin, murium, brine) was frequently used until 
the present century. 

Discovery and identification of chlorine as an element. The 

element chlorine was first isolated in 1774 by the Swedish chemist 
Scheelc, who prepared it by heating hydrochloric acid with man¬ 
ganese dioxide. The French chemist, Berthollet, who investigated the 
properties of chlorine ten years later, thought that the gas was a 
compound of hydrogen chloride with oxygen, since he found that: 

(i) Manganese dioxide, which had been heated until it lost no more 
oxygen, liberated a smaller quantity of chlorine from hydrochloric 

acid than unheated manganese dioxide. 

(ii) Chlorine water gave off oxygen and left hydrochloric acid on 

exposure to bright sunlight. 

* This paragraph should be omitted by school certificate candidates. 
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The fallacies in the above reasoning should be obvious to the 
student, and it is surprising that Berthollct did not realise his mistake 
when he found that chlorine was not an acid, whereas, of course, if it 
contained more oxygen than hydrochloric acid it ought, on Lavoisier’s 
theory of acids (p. 116), to be a stronger acid. The idea that chlorine 
was an oxygen compound of hydrochloric acid was disproved in 1809 
by Gay-Lussac and Thenard, when they were able to show that 
chlorine combined with hydrogen to form hydrogen chloride gas and 
nothing else, that is ; 

chlorine + hydrogen = hydrogen chloride gas, 

and not: 

chlorine - oxygen = hydrogen chloride gas. 

In spite of the fact that these French chemists had been unable to get 
oxygen out of chlorine by even the most drastic of methods, they were 
so obsessed with the Lavoisier theory’ that all acids contain oxygen, 
that they did not regard chlorine as an element but as an oxide of an 
unknown element. 

Sir Humphry Davy, who had been investigating the composition 
of chlorine and hydrogen chloride at the same time as Gay-Lussac and 
Thenard, was convinced that chlorine did not contain oxygen because 
it was even unaffected by charcoal heated to whiteness by a voltaic 
battery. He suggested in 1810 that the gas was in reality an element, 
and proposed that it should be called chlorine, from its pale green 
colour (Greek, chloros, pale green), in place of the then accepted name 
of oxymuriatic acid. To avoid confusing the student, the names, 
chlorine, hydrogen chloride gas and hydrochloric acid have been used 
in the above account in place of oxymuriatic acid, muriatic acid gas 
and muriatic acid. 

Manufacture of chlorine, {a) The Weldon process. The 
bleaching of linen and other fabrics was formerly carried out by expos¬ 
ing the material for several weeks to the sun. This process of open- 
air bleaching was costly, because owing to its slowness large stocks of 
material had to be carried by the manufacturer. Towards the close of 
the eighteenth century, however, attempts were made to utilise 
chlorine and hypochlorites for bleaching on an industrial scale. The 
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use of gaseous chlorine was soon abandoned because of its harmful 
effects on the workmen, but the discovery of hypochlorites, and bleach¬ 
ing powder (1799) in particular, led to a revolution in bleaching 

methods and to an industrial demand for chlorine. 

Chlorine was first manufactured by Schecle’s method of heating 
manganese dioxide with concentrated hydrochloric acid (Expt. 36), 
but the process was somewhat costly until Weldon (1866) discovered 
a method of converting the manganous chloride, MnClo, back into 
manganese dioxide. This was effected by treating the waste liquor 
from the chlorine stills with an excess of slaked lime suspended in 
water, and then oxidising the resulting precipitate of manganous 
hydroxide, Mn(OH)2, by blowing in air and steam. 

MnClg + Ca(OH)2 = Mn(OH)2 CaClg, 

2Mn(OH)2 + 00 = zMnOa + afhO. 


Since manganese dioxide unites with manganous hydroxide to form a 
stable oxide, MojOg, which is not oxidised by air, it was found essential 
to use an excess of slaked lime to convert the dioxide into a manganite 
of calcium, CaO.MnOj- This product, which was known as Weldon 
Mud, was then returned to the stills and heated with concentrated 
hydrochloric acid and steam to give more chlorine : 

CaO.MnOj -f- 6HCI = CaClg + CI2 + MnClj + 3H2O. 


{b) The Deacon process. The manufacture of chlorine by the 
Weldon method was inefficient because about two-thirds of the hydro¬ 
chloric acid was wasted as calcium chloride. The process was there¬ 
fore largely superseded by the Deacon Process (1885), in which 
cupric chloride was used to catalyse^the oxidation of a mixture oT^ 
volume of hydrogen chloride and fo^r^^olumes of air at ■ 


4HCI + 0.^ 2H2O + 2CI2 + 28,000 cals.* 

The gaseous product, after being washed with water to remove un¬ 
changed hydrogen chloride (55%). contained about 10% of chlorine, 
and was quite suitable for making bleaching powder, though it was 
too dilute to compress into iron cylinders for transportation. 

Deacon’s process is now quite obsolete, since chlorine is obtained as 

* This means that 28,000 cals, of heat are set free when four gram-molcc- 

ular weights of hydrogen chloride are oxidised. 
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a by-product in the manufacture of caustic soda, and actually a con¬ 
siderable amount of hydrogen chloride is now made by the direct 
union of electrolytic chlorine and hydrogen (p. 595). 

Before concluding, it is worth noting that the Deacon process pro¬ 
vides a very good illustration of certain theoretical principles, which 
should be clearly grasped by the student as they are of supreme 
importance. Thus; 

(i) The oxidation takes place with the liberation of heat, and is 
therefore an example of an exothermic change. 

(ii) The oxidation is reversible, that is, chlorine and steam react 
together to reform hydrogen chloride and oxygen. Under given con¬ 
ditions of temperature, pressure and concentration, the percentage ol 
hydrogen chloride undergoing oxidation is constant. 

(iii) In a reversible reaction, raising the temperature always favours 
that change which takes place with the absorption of heat. Therefore 
the higher the temperature the lower the yield of chlorine. 

(iv) The rate of a reaction is usually doubled for a rise in temperature 
of 10® C. Hence in the Deacon process an optimum temperature had 
to be chosen, which gave a reasonable yield and a sufficiently rapid 
rate of reaction. 

(v) The rate of reaction was speeded up by the use of a copper 
chloride catalyst, but since catalysts have an equal effect on the rate 
of the forward and back reaction of a reversible change, the above 
catalyst did not affect the percentage yield of chlorine. 

(vi) A reversible change can be made more complete by using a 
large excess of one of the reactants, hence the oxidation of hydrogen 
chloride was assisted by using a large excess of air. 

The above principles are discussed in greater detail in Part II, p. 562. 

EXPERIMENTS 

Expt. }6 . To prepare chlorine and examine its properties. 

This experiment must be carried out with great care^ as the inhalation of 
chlorine produces very severe coughing. If possible use the fume chamber. 
Place about jo grams of manganese dioxide (preferably in lumps 
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because the powder often reacts violently with the concentrated acid) 
in the bottom of a 600 c.c. flat-bottomed flask, and fit it with a cork 
containing a thistle funnel and delivery tube. The latter should lead 
to the bottom of a gas-jar covered with a cardboard lid, as shown in 
Fig. 48, p. 241. Add too c.c. of concentrated hydrochloric acid via 
the thistle tube (if finely powdered manganese dioxide is used, the 
acid must be diluted with 50 c.c. of water before it is added to the 
flask, and then the mixture must be thoroughly shaken so that the 
bottom of the flask is wetted) and see that the end of this tube is 
covered with acid. It is now advisable to clamp the flask to a retort 
stand, so that it cannot be accidentally knocked over. Then heat the 
flask cautiously, otherwise the chlorine will be liberated so quickly 
that much of it will escape into the air, and with dire consequences. 
(Fill six gas-jars, a, b, c. ii, ej, full of the gas and close them with glass 

tops_a jar being judged to be full when its colour is uniform. When 

all the jars are filled, immerse the delivery tube in a dilute solution of 
sodium hydroxide in a beaker to dissolve the excess of chlorine. Test 
each jar of the gas as follows : 

{a) Note the colour, then invert the jar over water and leave it to 

stand for ten minutes—what happens? 

{b) Plunge a lighted wood splint into the gas, and compare this 
result with that obtained when a lighted taper is used. The wax in 
the taper contains hydrocarbons, ; what do you think 

happens? 

(<•) Place pieces of moist blue and red litmus paper in the jar, then 
moist writing ink and printers’ ink, and finally moist Turkey-red twill 
cloth and damp grass or flowers. 

{d) Add about 30 c.c. of concentrated sulphuric acid to this jar, and 
after shaking it vigorously for a minute-or so leave it to stand for ten 
minutes. What happens when dry blue and red litmus paper arc held 

in this dry chlorine? 

ie) Hold a piece of Dutch metal foil (a zinc-copper alloy) in crucible 
tongs in the gas. When the reaction is over, shake the residue in the 
jar with 20 c.c. of water and add 5 c.c. of ammonia, note the blue 

colour of the complex iori, Cu(NH3)4'‘"‘'. 

(/) Add 50 c.c. of a 10% solution of potassium iodide and shake ; 
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then heat some of the product in a test-tube and note the colour of 
the vapour. 

Describe carefully all the changes which you have observed whilst 
carrying out the above tests, and draw what conclusions you can. 

Expt. 37. To prepare and examine the properties of (<*) hydrogen 
chloride gas, and (b) a solution of hydrogen chloride in water. 
Place about 50 grams of rock salt in a 600 c.c. flat-bottomed flask, 
fitted with a cork, thistle funnel and delivery tube leading to a gas-jar, 
as in Fig. 48, p. 241. Clamp the flask securely to a tripod stand and 

get five dry gas-jars for the collection of the gas. 
Fit up the apparatus depicted in Fig. 53. A is a 
flask of 500 c.c. capacity, and 5 is a conical flask 
of 800 c.c. capacity', which is filled to the top 
with a solution of blue litmus. Also prepare 
an apparatus for dissolving hydrogen chloride 
in water, as described on p. 249. 

When a// the above apparatus has been as¬ 
sembled, add about 150 c.c. of concentrated sul¬ 
phuric acid to the rock salt, and warm the flask 
if the liberation of hydrogen chloride is slow. 
Collect five gas-jars full of hydrogen chloride, 
using a punctured piece of cardboard to cover 
the top of each gas-jar while it is being filled, 
as this minimises the leakage of hy'drogen 
chloride into the air. The flask. A, of Fig. 53 
Fig. jj. The fountain should also be filled with the gas, and then 
expenment. replaced securely on its cork with delivery tube. 

The surplus hydrogen chloride issuing from the generator is now 
dissolved in water, as recommended above; but on no account 
must the delivery tube be immersed directly in water. 

Test the gas-jars of hydrogen chloride as follows : 

(i) Remove the glass plate and breathe across the mouth of the jar; 
record what happens, and also note the smell of the gas. 

(ii) Plunge a lighted taper in the jar, repeat with a lighted splinter 
of wood. Compare your observations with that of (iii). 
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(iii) Plunge a piece of burning magnesium in the jar : if it continues 
to burn examine the ash which is left, e.g. does it dissolve in water, 
and if it does, has the solution any action on a solution of silver 
nitrate? 

(iv) Fill a gas-jar with ammonia by holding it over a test-tube in 
which a little -88 ammonia is being heated, then place it mouth to 
mouth with a jar of hydrogen chloride. Note the white fumes of 
ammonium chloride which are formed : 

NH3-t-HCI = NHjCl. 

Are the gas-jars easily separated after the reaction? 

Now turn to the apparatus which has been fitted up as in Fig. 53, 
and blow down the deliveiy' tube, C, so that the litmus solution is 
just forced into the top flask ; note what happens and try to explain 
your observations. 

Using test-tubes, investigate the action of your solution of hydro¬ 
chloric acid on : 

(i) Magnesium turnings. 

(ii) Marble chips. 

(iii) A solution of silver nitrate. Divide the resulting precipitate 
into two portions : add to one concentrated nitric acid and to the 
other ammonia. 

(iv) A solution of lead nitrate ; what happens when the resulting 
precipitate is boiled with plenty of water? 

Try to identify the gases which are evolved in tests (i) and (ii), and 
draw what conclusions you can about each test. 

QUESTIONS ON CHAPTER XIX 

1. Describe how you would prepare a pure dry specimen of 
chlorine. 

What is the action of pure chlorine on (a) moist blue htmus paper, 
(^) dry blue litmus paper, (f) a burning splinter of wood, (d) a burning 
taper, (e) a solution of ferrous sulphate, (/) a solution of potassium 

iodide? 

2. How would you make a few jars of chlorine in the laborator}’, 



264 an introduction to chemistry 

starting from common salt? Sketch the apparatus. Describe experi¬ 
ments (one for each example) to illustrate the following : 

{a) the affinity of chlorine for hydrogen ; 

{b) the preparation of anhydrous ferric chloride ; 

(<•) the preparation of bleaching powder- 

How would you bleach a piece of red cloth, using bleaching powder? 

^ (C.W.B.S.C.) 

3. Describe one method of preparing chlorine on a large scale. For 
what purposes is the gas used? 

Sulphur dioxide is sometimes used as an antichlor. What does 
this mean, and how does the sulphur dioxide act? (O.S.C.) 

4. How may pure dr}' hydrogen chloride be obtained? 

Give three physical and three chemical properties of this gas. 

How would you obtain a saturated solution of the gas in water? 

State how the solution so obtained would react with {a) ammonia, 

{b) zinc, (r) zinc carbonate. (L.G.S.) 

5. Describe the preparation of pure dry hydrogen chloride. 

Give an account of the experiments and reasoning necessary to 
prove that the formula of this gas is HCl. (O. and C.S.C.) 

6. Briefly describe four different methods of preparing metallic 
chlorides, giving an example of each method, and making use of dif¬ 
ferent chlorides for your illustrations. 

Describe fully how to obtain cr}'stals of cupric chloride from copper 
sulphate. (O.S.C.) 

7. What happens when chlorine is passed into {a) a cold, {b) a hot, 

solution of potassium hydroxide? Give a short account of the 
chemical properties of the principal product in each case, and explain 
any uses to which they are put. How is the product in (/>) obtained 
on a large scale? (S.L.C.) 

8. What is bleaching powder and how is it made? Explain its 

bleaching action. (J.M.B.S.C.) 

9. Describe, with a diagram of the apparatus, how you would make 

a small quantity of bleaching powder in the laboratory, using hydro¬ 
chloric acid as the source of chlorine. Give an outline of the way in 
which it is used for bleaching purposes. (O.S.C.) 


CHAPTER XX 
BROMINE AND IODINE 
BROMINE. Br = 79-9 

Occurrence and preparation. The mam source of bromine, 
which is a much rarer element than chlorine, was formerly the 
bromides. MgBr^, etc., in certain mineral springs and in the 
mother liquors left after the extraction of potassium chloride, etc., 
from the great potash salt beds of Stassfurt in Germany and from 

the waters of the Dead Sea. 

Bromine is extracted by treating these liquors with chlorine 
and steam, when it is expelled as a vapour and condensed : 

MgBra + CU = MgClg + Brj or aBr" + Clg = 2CI- + Brg. 

In recent years the demand for bromine has increased enor¬ 
mously because of the use of ethylene dibromide, CoH^Br^, in 
anti-knock petrols. In consequence this halogen is now obtained 
on a very large scale by the action of chlorine on sea water, which 
has been acidulated with a Uttle sulphuric acid. In spite of the 
fact that sea water contains only 0-007% of the element as bromide, 
the extraction is quite efficient. 

In the laboratory bromine may be prepared by distilling a 
mixture of potassium bromide (one part) and manganese dioiade 
(two parts) with moderately concentrated (40%) sulphuric acid in 
a retort, which is fitted up like that in Fig. 66 . p. 32? = 

aKBr + MnO^ + 3 H2SO4 = 2KHSO4 + MnSO^ + Br^ + zH,0. 

Properties of bromine. Bromine is a heavy reddish-black 
Uquid of specific gravity 3-12, which boils at It *ias a 

pungent odour and its vaponr is very poisonous. It is only 

26$ 
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sparingly soluble in water, loo grams of which dissolve 3*7 
grams of bromine at 15®. 

Bromine resembles chlorine closely in most of its chemical 
properties, but it is not so active. Thus, like chlorine, it combines 
directly with hydrogen, sulphur and phosphorus, but not with 
carbon, oxygen or nitrogen. The combination with hydrogen, 
however, takes place much less readily than in the case of chlo¬ 
rine, and the vapour has to be heated with hydrogen in contact 
with a platinum catalyst: 

H 2 + Br2 = 2HBr (hydrogen bromide). 

Bromine unites directly with metals to form bromides : 

zNa + Brj = zNaBr ; 
compare : zNa + Clj = zNaCl. 

Like chlorine, it liberates iodine from potassium iodide, 

aKI + Brj^zKBr + Ij; 
and oxidises hydrogen sulphide to sulphur : 

HgS + Br2 = S + zHBr. 

Its reactions with alkalis are also similar to those of chlorine, 
c.g. it interacts with cold dilute potassium hydroxide to give 
potassium bromide, potassium hypobromite, KBrO, and water: 

zKOH + Br^ = KBr + KBrO + H^O ; 

and with hot concentrated potassium hydroxide to give the 
bromide, bromate and water : 

6KOH + 3Br2 = jKBr 4 KBrOa + 3H2O. 

Compare zKOH+Clj =KCI +KCIO +H2O, 

6KOH43CI2 = 5 KC 1 +KC 103 +3H2O. 

Finally, a solution of bromine in water, so-called bromine water^ 
has feeble bleaching properties, in harmony with the fact that it 
is a less powerful oxidising agent than chlorine. 

Preparation of hydrogen bromide, HBr. Hydrogen 
bromide cannot be prepared by heating a bromide with concen- 
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trated sulphuric acid, because, unlike hydrogen chloride, it is 
oxidised by concentrated sulphuric acid. Thus when potassium 
bromide is heated with the concentrated acid, the initial 
action, 

KBr + H^SO, =KHSO, - HBr, 

is followed by the oxidation of the hydrogen bromide, viz. : 

zHBr + H2SO, = SO2 * Br. -r zUp. 

Small quantities of hydrogen bromide gas may be prepared in 
the laboratory by the action of water on phosphorus tribromide : 

PBr3 + 3H20 = 5HBr + H3P03, phosphorous acid. 

In actual practice bromine is added to a paste of red phosphorus, 
sand and water in a flask as described in Expt. 58, p. 273. The 
initial action is the formation of phosphorus tribromide, 

2P + 3Br2 = 2pBr3, 

which is immediately attacked by the water to give phosphorous 
acid and hydrogen bromide gas. The latter is freed from bromine 
fumes by passing it over a paste of moist red phosphorus, and is 
dried by calcium bromide (the chloride may be used as a cheaper 
substitute) before it is collected by the upward displacement 
of air. 

Properties of hydrogen bromide. Hydrogen bromide 
resembles hydrogen chloride closely in its physical properties. 
Thus it is a colourless, pungent smelling gas which fumes in 
moist air. It is very soluble in water, one volume of which dis¬ 
solves 600 volumes of the gas at 0° C. 

Hydrogen bromide gas is also similar to hydrogen chloride in 
most of its chemical properties, e.g. it gives white fumes of 
ammonium bromide with ammonia, 

NH3 + HBr=NH,Br, 

and dissolves in water to give a solution of a strong acid, hydro- 
bromic acid, which resembles hydrochloric acid very closely. 
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except for the fact that it is more easily oxidised, e.g. by concen¬ 
trated sulphuric acid. 

Bromides. The bromides are prepared by methods which 
are analogous to those used for the preparation of chlorides. 
They are usually white solids which are quite soluble in water, 
but silver, lead and mercurous bromides are insoluble. Potas¬ 
sium bromide is an important drug, and silver bromide is used in 
photography. 

IODINE. 1 = 127 

Occurrence and extraction. Iodine is an essential con¬ 
stituent of the human body, occurring chiefly as a complex sub¬ 
stance, thyroxin, in the thyroid gland in the neck. A deficiency 
of iodine in the diet prevents the thyroid gland from functioning 
properly, and may lead to goitre and even more serious disorders. 
Thus the prevalence of goitre in certain parts of Derbyshire has 
been attributed to the deficiency of iodine compounds in the water. 

Iodine occurs to a small extent as iodide in sea-water, just as 
chlorine and bromine are present as chloride and bromide. Some 
of this iodine is assimilated by sponges and seaweeds, and the 
latter are still collected from certain shores and burnt to an ash 
from which iodine is manufactured. The principal commercial 
source of iodine is, however, sodium iodate, NalOg, which 
occurs to the extent of 0'i% in crude Chilean nitre. The nitre 
rock is crushed and extracted with water, which dissolves the 
nitre, iodate, etc. When this liquor is evaporated by exposure 
to the sun, the nitre crystallises out leaving the iodate in the 
mother liquors; iodine is then obtained by treating the latter 
with sodium bisulphite : 

jNaHSOg + aNalOs = 3 NaHS 04 - 1 - 2 Na 2 S 04 + 1 ^ + H^O. 

Iodine can be prepared in the laboratory by the action of 
chlorine on a solution of potassium iodide : 

2Kj[+Ci., = 2K:CI+l2. 
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The precipitate of crude iodine thus obtained is separated in a 
filter, and purified from chlorine by mixing it with a little potas¬ 
sium iodide and subliming it. 

Properties of iodine. Iodine forms lustrous blackish crystals 
of specific gravity 4-94. It melts at 113° and boils at 184° to give 
a violet vapour ; but its vapour pressure at the melting point is 
so high that it can be sublimed without melting. It is almost 
insoluble in water, but it is freely soluble in a solution of potas¬ 
sium iodide, owing to the formation of potassium tri-iodide, 
KI3; it is also soluble in alcohol. 

Iodine shows a general resemblance to the other halogens in 
its chemical properties, but is much less active. Thus it will only 
combine very slowly with hydrogen, even in the presence of sun¬ 
light, and the reaction is incomplete : 

H 2 + I2^2HI, 

so that hydrogen iodide is readily oxidised to iodine. For this 
reason iodine is only a feeble oxidising agent. For example, 
although it will oxidise a solution of sulphurous acid to sulphuric 
acid, 

H2SO3 H2O I2 =H2S0, 4 - 2HI, 

it will only oxidise a ferrous salt partially, as represented by the 
equation : 

zFeSOj -t-H 2 S 04 +I 2 ^Fe 2 (S 04)3 -t-aHI. 

When heated, iodine unites with metals to form salts called 
iodides, which are similar to chlorides and bromides. Iodine also 
resembles chlorine and bromine in its reactions with cold dilute 
and hot concentrated alkalis, e.g.: 

2 KOH -I- I 2 = KI -h KIO + HgO, 

potassium 

hypoioditc 

6KOH + 5lj = 5KI + KIO3 + jHjO. 

potassium 

iodate 
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A solution of iodine in alcohol (iodine ^ oz., potassium iodide 
\ 02., rectified spirit i pint) is used under the name of “ Tincture 
of Iodine ” for disinfecting wounds, but as it causes an un¬ 
pleasant though temporary sting, it is being displaced by prepara ¬ 
tions such as Dettol, T.C.P., etc. 

A very distinctive test for iodine is the deep blue colour which 
it gives with a solution of starch paste, and the reaction is so 
sensitive that it can be used to detect less than one milligram of 
iodine in a litre of water. 

Preparation of hydrogen iodide) HI. Hydrogen iodide is a 
powerful reducing agent, so that when an iodide is heated with 
concentrated sulphuric acid, a mixture of sulphur dioxide, iodine 
vapour and a little hydrogen sulphide is evolved, as represented 
by the equations : 

KI HjSO^ =KHS 04 +HI, 

2HI -f H^SOi =l2 + SO2 + 2H2O, 

8HI -t-HjSO, =4X2 + H2S -i- 4 H 20 . 

Hydrogen iodide is therefore prepared by the action of water on 
phosphorus tri-iodide as described in Expt. 40, on p. 275, 

PI 3 +3H20 = 5HI +H 3 PO 3 ; 
compare: PBta-f 5H20 = 5HBr + H3PO3. 

A solution of hydrogen iodide can be prepared by the action 
of hydrogen sulphide on a suspension of iodine in hot water : 

H2S+l2 = 2HI+S. 

The resulting mixture is boiled to coagulate the sulphur and 
then filtered. 

Properties of hydrogen iodide. Hydrogen iodide resembles 
hydrogen chloride and hydrogen bromide in that it is a colour¬ 
less, pungent smelling, acidic gas, which fumes in moist air and 
is very soluble in water, one volume of which dissolves 425 
volumes of the gas at 10® C. to give a solution of a strong acid. 



HISTORICAL NOTES ON IODINE 


271 

hydriodic acid. This acid is very similar to hydrochloric acid, 
except for the fact that it is a powerful reducing agent. Thus all 
the common oxidising agents such as hydrogen peroxide, nitric 
acid, chlorine, bromine, and even air, oxidise it to iodine, e.g.: 

2HI+H202=l2 + 2H20. 

Iodides. The metallic iodides show a general resemblance to 
chlorides and bromides, but they are often coloured and less 
soluble in water, e.g. mercuric iodide is red and insoluble, 
whereas the chloride and bromide are colourless and moderately 
soluble. However, potassium iodide, the most important iodide, 
is a white solid which is very soluble in water ; it is used exten¬ 
sively in photography and medicine. 

HISTORICAL NOTES 

Iodine was discovered accidentally about 1812 by a Paris nitre 
manufacturer called Courtois. In his factory the ashes from burnt 
sea-weeds were treated in copper vats for the extraction of certain 
salts. The vats were rapidly corroded, and in searching for the cause 
Courtois found that concentrated sulphuric acid attacked the sea-weed 
ash to give a violet vapour, which condensed to a black crystalline 
solid with a metallic lustre. Courtois was too busy to carry out a 
thorough investigation of his new solid, and therefore asked two 
other French chemists, Clement and Desormes, to continue the work. 
Their investigations were described at a meeting of the Paris Academy 
of Sciences in November 1815. In the next month Davy, with Napo¬ 
leon’s permission, went to Paris, where he was courteously entertained 
in spite of the fact that England and France were at war—an illustra¬ 
tion of the internationalism of science. Whilst in Paris he was given 
some of the new substance, and promptly started an investigation of 
its properties, having brought with him a travelling laboratory. Like 
Gay-Lussac, who was also examining the new product, Davy quickly 
became convinced that it was an element analogous to chlorine, and 
therefore proposed that the French name for it, iode (Greek, ion^ 
violet), should become iodine in English. 
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Bromine was discovered about 1825 by the French chemist Balard 
whilst he was experimenting on the mother liquors that were left after 
salt had crystallised from sea-water. When these liquors were treated 
with chlorine, Balard noted that an orange-yellow colour was pro¬ 
duced, and that the appearance of this hue was accompanied by a 
strong peculiar smell. By distillation he was able to isolate a deep 
red liquid, which he at first thought might be a chloride of iodine, 
but on further examination he was convinced that it was a new element 
closely resembling chlorine and iodine. He named the element brome 
from its strong smell (Greek, bromos, stink), and in English the word 
bromine is used to conform with the names chlorine and iodine. 
Before leaving this element it is interesting to record a candid piece of 
autobiography by the great German chemist Liebig (1805-1875), who 
had isolated bromine before Balard, but had mistaken it for a chloride 

of iodine. 

“ I know a chemist who, while at Kreuznach, many years ago, 
undertook an investigation of the mother-liquor from the salt works. 
He found iodine in it ; he observed, moreover, that the iodide of 
starch turned of a fiery yellow by standing overnight. The pheno¬ 
menon struck him ; he procured a large quantity of the mother-liquor, 
saturated it with chlorine, and obtained by distillation a considerable 
amount of a liquor colouring starch yellow, and possessing the ex¬ 
ternal properties of chloride of iodine, but differing in many of its 
reactions from the latter compound. He explained, however, every 
discrepancy most satisfactorily to himself; he contrived for himself a 
theory on it. 

“ Several months later he received the splendid paper of M. Balard, 
and, on the very same day, he was in a condition to publish a series of 
experiments on the behaviour of bromine with iron, platinum, and 
carbon, for Balard’s bromine stood in his laboratory, labelled liquid 
chloride of iodine. Since that time, he makes no more theories unless 
they are supported and confirmed by unequivocal experiments ; and I 
can positively assert that he has not fared badly by so doing.” 

Fluorine is such an intensely reactive element that although its 
existence in fluorspar, CaFg, and hydrofluoric acid, HF, was predicted 
by Davy as early as 1815, it was not isolated until 1886. Davy and 
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many other chemists had tried to prepare the element by the electro¬ 
lysis of hydrofluoric acid, but these attempts failed because the liber¬ 
ated fluorine immediately attacked the water in the hydrofluoric acid : 

iF, + aHgO = 4HF + Og. 

The discovery of anhydrous hydrofluoric acid, by distilling potassium 
hydrogen fluoride, 

KHF2 = KF + HF, 

did not immediately lead to the isolation of the element, because it 
was found to be a non-conductor of electricity. However, this dilh- 
culty was overcome by Moissan, who found that the anhydrous acid 
became a conductor when potassium fluoride was added to it. By 
constructing his apparatus of a platinum-iridium alloy, which is 
resistant to fluorine, and electrolysing at - 23® C., Moissan succeeded 
in isolating the element in 1886. 


EXPERIMENTS 


Expt. 38. Preparation and properties of hydrogen bromide. 

N.B._ Bromine is a very corrosive Uquidy and must therefore be handled 

with great care. 

Stir into a thick paste ij grams of red phosphorus, *5 grams of 
clean sand and 15 c.c. of water, and place the mixture in a flask fitted 
with a tap funnel and delivery tube (Fig. 54). Attach the delivery 
tube to two U-tubes, ^ and B ; pack the former with pieces of glass 
smeared with red phosphorus to remove the bromine vapour which 
is carried over with the gas, and the latter with calcium chloride to 
dry the gas. Have in readiness three dry gas-jars and one of the 
devices described on p. 249 for preparing a solution of the gas. 
Now place 20 c.c. of bromine in the tap funnel, and add it gradually 

to the mixture in the flask. 

Collect three gas-jars full of hydrogen bromide, then dissolve the 
surplus gas in water. Test the jars of gas in turn as follows : 

(i) Remove the Ud and breathe across the mputh of the jar. Place 
a piece of blue litmus paper in the same jar. 
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(ii) Plunge a lighted taper in the jar; repeat with a lighted 
splinter. 

(iii) Place a jar of ammonia (prepared as in (iv) p. z63) mouth to 
mouth with a jar of the gas. 

Record carefully what happens in each test, and compare your 
results with those obtained for hydrogen chloride in Expt. 37, p. 262. 



Fig. 54. Preparation of hydrogen bromide. 

Then, using the solution of hydrobromic acid, repeat the tests carried 
out on hydrochloric acid in Expt. 57, p. 263. 

Expt. 59. To investigate the properties of iodine. 

(a) Describe carefully what happens when a crystal of iodine is 
heated in a dry test-tube. 

(b) Compare the solubility of iodine in (i) water, (ii) a solution of 
potassium iodide. 

(<■) Add a drop or two of iodine solution to 50 c.c. of a solution of 
starch. What happens when the mixture is heated and then allowed 
to cool? The solution of starch is easily prepared by adding about 
50 c.c. of boiling water to a gram of starch, which has been stirred 
into a thick paste with a little cold water. 
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Expt. 40. To prepare hydrogen iodide and examine its pro¬ 
perties. 

Mix 5 grams of red phosphorus with 100 grams of iodine in a dry 
flask, which is fitted up just like that in Fig. 54, on the opposite page. 
Add 15 c.c. of water very slowly from the tap funnel, and, if necessary, 
warm the flask to start the interaction. Collect three gas-jars of the gas, 
and subject it to the same tests that were used for hydrogen bromide 
(Expt. 38). 

Expt. 41. To prepare a solution of hydriodic acid. 

Pass a slow stream of hydrogen sulphide into a boiling tube con¬ 
taining 30 c.c. of hot water and about 4 grams of iodine. Shake and 
heat the mixture from time to time to assist in the dissolution of the 
iodine, and continue to pass in hydrogen sulphide until all the iodine 
has been reduced ; 

H.^S + l^ = zHl + S. 

Now boil the mixture to coagulate the precipitate of sulphur and expel 
the excess of hydrogen sulphide—test for the latter by holding lead 
acetate paper at the mouth of the tube. Filter off the sulphur and add 
portions of the solution to : 

(i) Litmus solution. 

(ii) Marble ; heat and test for carbon dioxide. 

(iii) A solution of silver nitrate ; what happens when (a) ammonia 
and (h) concentrated nitric acid are added to separate portions of this 
precipitate? 

(iv) Chlorine water, and test the mixture with starch solution. 

Record and e.xplain your observations. 

QUESTIONS ON CHAPTER XX 

1. What arc the halogens, and why are they so called? Describe 

how you would obtain a halogen from (a) sodium chloride, (h) potas¬ 
sium bromide. (O. and C.S.C.) 

2. Mention two natural sources of bromine, and indicate briefly 
how the element is obtained commercially. Describe a laboratory 
method for preparing bromine. 
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Compare three physical properties of chlorine and bromine, and 
outline two sets of experiments you would perform to compare me 
chemical properties of these two elements. (b.L.L.) 

3. Describe and explain what you would observe on heating with 
concentrated sulphuric acid {a) sodium chloride, {b) sodium bromide, 

(i-) sodium iodide. , , , - -j-. /-• 

What method would you adopt to prepare hydrobromic acid? Oive 

full details. (S.L.C.) 

4. Compare the properties of chlorine, bromine and iodine, and 

make a similar comparison of their hydrogen compounds. , ^ ^ ^ ^ 

(O. and C.S.C.) 

5. From what sources and how is iodine prepared. Discuss briefly 
the properties of iodine, mentioning two chemical properties which 
are quite distinct from those of chlorine. 

6. Starting with iodine, describe how you w'ould prepare {a) pure 
dry hydrogen iodide gas, {b) a dilute solution of hydriodic acid, 
and {c) a crystalline specimen of potassium iodide. 

7. Give an account of the methods usually applied for the prepara¬ 
tion of hydrogen chloride, hydrogen bromide and hydrogen iodide, 
indicating clearly why the same method is not applicable to all. 

Describe experiments which enable you to distinguish between these 
three gases. (C.W.B.H.C.S.) 
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MANUFACTURE AND PROPERTIES OF SULPHUR 

SULPHUR. S = 52 

Occurrence. Large quantities of native sulphur are found in 
the volcanic districts of Sicily, and in Louisiana and Texas in 
America. In combination, sulphur is found as sulphide^ e.g. Iron 
Pyrites, FeSg, G.a.lena, PbS, Blende, ZnS, and Cinnabar, HgS, 
and as sulphate^ e.g. Epso.m Salts, MgS04, yHgO, and Gypsum, 
CaS04,2H20. 

Extraction. At one time most of the world’s sulphur came 
from Sicily, where rocky material from the slopes of Mt. Etna, 
containing about 20% of the element, was burnt in special kilns 
in which the heat obtained by burning part of the sulphur was 
used to melt the rest of the sulphur. The latter flowed down 
the sloping hearth of the kiln, and was thus separated from most 
of the rocky material. The product, however, contained about 
of impurities, and was therefore purified by distillation in 
iron retorts. 

At the present time about five-sixths of the world’s supply 
of sulphur comes from America. The beds of sulphur in Texas 
and Louisiana contain about 70% of sulphur, but are several 
hundred feet underground, being covered by layers of limestone, 
quicksand and clay. The ordinary methods of mining cannot be 
used owing to the quicksands and to the presence of the poisonous 
gases, hydrogen sulphide and sulphur dioxide. These diffi¬ 
culties are overcome in the Frasch Process (Fig. 55), in which 
three concentric pipes (protected in part by the outer casing) are 
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sunk through the quicksand and limestone strata, as far as 
the impervious gypsum, which underlies the sulphur-bearing 

limestone. Superheated water 
(at 165® and under a pressure 
of 10-18 atmospheres) is forced 
down the outer 8-inch pipe, 
and out through the apertures, 
on to the imper^dous bed 
of gypsum, where it collects 
and melts the sulphur. The 
latter is forced through the 
^ apertures, T, and up an inner 
4-inch pipe, as shown in the 
diagram. The passage of the 
sulphur to the surface is as¬ 
sisted by compressed air, under 
a pressure of 56 atmospheres ; 
this converts the molten sul¬ 
phur into a light froth, which is 
delivered into steam-heated 
pans at the surface. It is then 
pumped into enormous bins 
(see Fig. 5 6 for the size of the 
“ lump ’’ of soUdified sulphur), where it soUdifies and is ready for 
immediate use, since it does not usually contain more than o*i% 
of impurities. 

Allotropy of sulphur. Sulphur is remarkable for the fact 
that it can exist in several allotropic forms (see p. 180 for 
definition of allotropy). Thus in the solid state there are two 
common crystalline allotropes, viz. rhombic sulphur and 
prismatic or monoclinic sulphur, in addition to a variety of 
amorphous, that is, non-cr>^stalline, allotropes such as plastic 

sulphur. 
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Fig. 55. The Frasch process for 
obtaining sulphur. 
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{a) Rhombic sulphur (Fig. 57, a) crystallises when a solution 
of sulphur in carbon bisulphide is allowed to evaporate. It is 
the stable form of sulphur under ordinary conditions, and gets 
its name from the fact that it crvstallises in the rhombic system. 
When heated quickly it melts at 113°, but if heated slowly it 
changes at 96° into monoclinic sulphur, which melts at 119®. 



Fig. 56. A “ lump ”of sulphur obtained in America by the 

Frasch process. 

Note the size of the man at the lop of the ladder. 


{h) Prismatic or monoclinic sulphur (Fig. 57, b) crystallises in 
needle-shaped crystals when molten sulphur is allowed to cool 
slowly (p. 284, h). It is stable from 96° to 119°, when it melts 
to a lemon-coloured liquid. The temperature of 96° is known 
as the transition temperature for rhombic and prismatic sulphur, 
because above this temperature rhombic sulphur changes to 
prismatic sulphur, and below it the reverse change takes place, 
but at 96° both forms can exist together in stable equilibrium. 
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(r) Plastic sulphur is obtained as a soft transparent and elastic 
solid when molten sulphur, near its boiling point, is poured into 
cold water. Unlike rhombic and prismatic sulphur, it is virtually 

insoluble in carbon bisul¬ 
phide. On standing for a 
few days, plastic sulphur 
becomes hard and opaque 
and then consists princip¬ 
ally of rhombic sulphur, but 
about 30% of it is still 
insoluble in carbon bisul¬ 
phide. Plastic sulphur is 
really a supercooled liquid, 

(.) Rhombic Sulphur (b) Prisma.ic Sulphur 

F.G. 57 - CrystaUinc aUotropcs of sulphur, ^ 

molecules have not been able to arrange themselves in definite 
positions, but have the chaotic distribution of the liquid state. 
The physical properties of these allotropes are summarised in 

Table 4. 


Table 4. Properties of the Allotropes of Sulphur 



Rhombic sulphur 

Prismatic or mono¬ 
clinic sulphur 

Plastic sulphur 

Appearance, etc. 

Yellow octa¬ 

Yellow needle- 

Brown amorph¬ 

hedral crystals; 

shaped crystals; 

ous solid; 


brittle 

brittle 

plastic and not 
brittle 

Melting point 

112-8° 

119-2° 


Specific gravity 

2-o6 

1-98 

1-92 

Solubility in car¬ 
bon bisulphide 

Soluble 

Soluble 

Insoluble 

Stability 

Stable below 96° 

Stable above 96° 

Unstable under 
all conditions 
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The fact that rhombic, monoclinic and plastic sulphur arc 
varieties of pure sulphur can be proved by showing that equal 
weights of each allotrope yield the same weight of sulphur 
dioxide when burnt in the apparatus described in Hxpt. 15, p. 71. 

Allotropy of liquid sulphur, ^'hen rhombic sulphur is 
heated slowly it changes above 96° into prismatic sulphur, which 
melts at 119° to a mobile amber-coloured liquid. If the heating 
is continued, the mobile liquid gradually deepens to a reddish- 
brown colour, and suddenly becomes very viscous at about 160*. 
Further heating changes the colour to a blackish-brown, but the 
liquid does not lose its viscous nature until the boiling point of 
444° is approached. 

The sudden change in the viscosity of molten sulphur is attributed 
to the fact that it consists of a mixture of two allotropes, soluble 
sulphur, S;^, and insoluble sulphur, S^. At the melting point the pro¬ 
portion of in equilibrium with is small, but it rises with the 
temperature until it is sufficient to alter the mobility of the liquid. 
Near the boiling point predominates, so that if the liquid is suddenly 
chilled by pouring into cold water, the equilibrium does not have time to 
adjust itself to the lower temperature, with the result that the solid, in this 
case plastic sulphur, contains an appreciable proportion oi S„, which is 
called insoluble sulphurbccause it does not dissolve in carbon bisulphide. 

The cr>'stalline varieties of sulphur are composed exclusively of 
S^, and are therefore soluble in carbon bisulphide, but Flowers of 
Sulphur, formed by the direct solidification ot sulphur vapour on a 
cold surface, contains about 30% of S^, and therefore differs from 
Roll Sulphur, the ordinary’ commercial form of rhombic sulphur, in 
that it is only partially soluble in carbon bisulphide. Flowers of sul¬ 
phur and roll sulphur are not, of course, allotropic modifications, but 

different varieties of commercial sulphur. 

Measurements have shown that S^ and S,, have the same molecular 
formula, S^; their differences must therefore be attributed to a differ¬ 
ence in structure, i.e. to the way in which the atoms arc linked together 
in the molecule. On the other hand, the two cr>*stalline allotropes, 
rhombic and prismatic sulphur, are composed of identical molecules, 
so that their allotropy is due to a difference in the way in which the 
molecules are arranged inside the cr\’stals. 



282 


AN INTRODUCTION TO CHEMISTRY 


Chemical properties of sulphur. The allotropes of sulphur 
have their own distinctive physical properties, as described above, 
but they are identical in chemical properties, so that these ate 

described below under the heading of sulphur. 

Sulphur must be regarded as a reactive element, since it unites 
directly with most elements. Thus, when heated, it unites with 
metals to form sulphides, e.g. 

Fe + S=FeS (ferrous sulphide), 

and burns in air to form sulphur dioxide, SOj, and a little sulphur 


trioxide: 


S +O2 =S 02 , 
2S +502 = 2503. 


Sulphur vapour unites with red-hot carbon 
sulphide, C + 2S = CS„ 


to form carbon bi 


and with hydrogen, in the presence of a nickel catalyst, to form 
hydrogen sulphide: 

H 2 "I" 5 ^ 

This reaction is reversible, and as the combination of the elements 
takes place with the liberation of heat, the dissociation of the 
hydrogen sulphide is favoured by raising the temperature. Note 
that the term dissociation is used to describe reversible decom¬ 


positions. 

Sulphur is oxidised to sulphuric acid by hot fuming nitric acid, 

S + 2HNO3=HjSO^ + 2NO, 

but is unaffected by non-oxidising acids such as hydrochloric 
acid. 

Uses of sulphur. The world’s production of sulphur was 
about five million tons in 1950. This vast quantity was used 
mainly for the following purposes : 

(i) In the manufacture of sulphuric acid. 

(ii) For the preparation of sulphites such as calcium bisulphite, 

Ca(HSOj)2, which is used for bleaching wood pulp. 
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(iii) For the vulcanisation of rubber, whereby the soft pliable 

natural product is converted into a tough material suit¬ 
able for motor tyres, etc. 

(iv) In the manufacture, directly or indirectly, of a variety of 

chemicals, such as carbon bisulphide, CSg, “hypo”, 
NagSjOa, and dyes. 

(v) As a fungicide for vines. 


HISTORICAL NOTES 

Sulphur, or Brimstone, has been a familiar mineral from very early 
times. Thus the Greek poet Homer {circa 900 b.c.) speaks of the 
“pest-averting sulphur”, and in his Odyssey (22. 48 i)> Odysseus, 
recognising the need of a general clean-up after the slaughter of the 
suitors, cries : “ Quickly, O! Dame, bring fire that I may burn sulphur, 
the cure of ills.” A belief in the supernatural powers of burning 
sulphur evidently persisted for several centuries, because in the first 
century a.d. Pliny wrote : 

“ Sulphur is employed ceremoniously in the hallowing of houses, 
for many are of the opinion that the odour and burning thereof will 
keep out all enchantments—yea, and drive away foul fiends and evil 
spirits that do haunt the place.” 

The properties of this element were carefully investigated by the 
Arabian chemist Geber {circa 800 a.d.), who recorded that all metals 
could be made to combine with sulphur, and as a result increased in 
weight. In alchemical times sulphur was supposed to be present in 
all combustible substances, and was incidentally one of the constituents 
of gunpowder, which was probably invented in the twelfth century. 

For several centuries Sicily supplied practically the whole of the 
world’s sulphur requirements (other than pyrites for the manufacture 
of sulphuric acid), but with the introduction of the Frasch process in 
1904 America quickly took the lead, and now produces nearly five- 
sixths of the world’s output of sulphur. 
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EXPERIMENTS 

Exit. 42. To investigate the properties of sulphur. 

{a) Shake some powdered sulphur in a test-tube with about five c.c. 
of carbon bisulphide for a few minutes, being careful to extinguish all 
flames on the bench, since carbon bisulphide is a very inflammable 
liquid. Filter the mixture into an evaporating basin and put the latter 
in a cupboard for a day. Examine the cr>’Stals which have separated 
and compare them with those obtained in {b). 

(/») Fill a Battersea crucible with powdered sulphur, and heat it 
carefully until all the sulphur has melted, then aUow it to cool. As 
soon as a solid crust forms, puncture it with two holes and pour out 
the molten sulphur that remains in the interior of the crucible. Remove 
part of the crust with a penknife and examine the crystals underneath 
it; do they undergo any change when left for a few days? If so, can 
you offer any explanation? 

(r) Note carefully all the changes that occur when powdered roll 
sulphur is slowly heated in a test-tube. When the sulphur is beginning 
to boil, pour it into a beaker of cold water and compare the product 
with that which is obtained when molten sulphur, near its melting point, 
is poured into cold water. Set aside both of these products and examine 
them in a few days’ time ; record and try to explain any changes that 
have taken place. 

{S) Heat a little sulphur in a crucible and ignite the vapour. Note 
the effect of the fumes on (i) moist litmus paper, (ii) paper soaked in 
potassium chromate solution. 

(f) Add about half a gram of pow’dered sulphur to about 6 c.c. of 
fuming nitric acid in an evaporating basin in a fume chamber. Warm 
gently until brown fumes cease to be evolved, then try to identify the 
product that is left in the basin. N.B .—Fuming nitric acid is a very 
dangerous acid. 

(f) Place a roll of copper foil in the mouth of a test-tube containing 
a few grams of sulphur ; heat the sulphur and note what happens to 
the copper foil. 


QUESTIONS 
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QUESTIONS ON CHAPTER XXI 

1. Give an account ot the extraction of sulphur. Under what 
conditions does sulphur react with iron, oxygen, hydrogen and nitric 
acid, and what are the products? 

2. How would you prepare from roll sulphur {a) crystals of rhombic 
sulphur; (b) crystals of prismatic (needle) sulphur; (r) plastic sul¬ 
phur^ How would you prove the chemical identity ot the three forms? 

^ ' (O.S.C.) 

3. Starting with roll sulphur, how would you prepare : 

{a) rhombic crystals of sulphur, 

{b) monociinic (prismatic) crystals of sulphur, 

(<■) plastic sulphur? 

Mention two other elements which, like sulphur, exist in more than 
one variety. (C.S.C.) 

4. Describe the preparation of a cry’Stalline and of a solid non- 
cr)^stalline form of sulphur from roll sulphur. 

Sketch and describe the apparatus you would use to show that 
equal weights of each form of sulphur will yield equal weights of 
sulphur dioxide. (C.S.C.) 

5. From what sources is sulphur obtained? How can sulphur be 
used for the preparation of {a) sulphuric acid, {b) sulphurous acid? 

(O. and C.S.C.) 



CHAPTER XXn 

HYDROGEN SULPHIDE AND SULPHIDES 

Introduction. Hydrogen sulphide or sulphuretted hydrogen, 
HaS, is formed in nature by the decay of organic matter contain¬ 
ing sulphur. Thus the intolerable odour of a bad egg is due in 
part to the formation of hydrogen sulphide, as a result of the decay 
of organic matter in the egg. The combustion of coal in fires 
and furnaces contaminates the air with traces of hydrogen sul¬ 
phide, and this is responsible for the blackening of white lead 
paint and the tarnishing of silver, because hydrogen sulphide 
converts the former into black lead sulphide, PbS, and the 
latter into black silver sulphide, AgjS. 

Preparation of hydrogen sulphide. Hydrogen sulphide is 
prepared in the laboratory by the action of cold, moderately dilute, 
hydrochloric acid or sulphuric acid on ferrous sulphide : 

FeS + zHCl =FeCU +H2S 
FeS +H2S04=FeS04 + H2S. 

Kipp’s apparatus is generally used when a continuous supply of 
the gas is required, but smaller quantities may be prepared by 
pouring concentrated hydrochloric acid into a flask containing 
water and ferrous sulphide, and fitted with a thistle tube and 
delivery tube, as shown in Fig. 58, p. 29a. The gas may be col¬ 
lected by the upward displacement of air, or over hot water, 
since it is rather soluble in cold water. 

The gas prepared in this way is contaminated with moisture 
and hydrogen. The presence of the latter is due to the fact that 

286 
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the ferrous sulphide, which is manufactured by heating iron with 
sulphur, contains a little free iron which is attacked by the dilute 
acid to give hydrogen : 

Fe + 2HCl = H2 + FeC4. 

The moisture may be removed by dr>’ing with phosphorus 
pentoxide but not with concentrated sulphuric acid (see (ii) 
p. 288). The presence of hydrogen does not usually matter, but 
it can be eliminated by cooling the crude gas with a mixture of 
methylated spirits and solid carbon dioxide, when the hydrogen 
sulphide condenses to a liquid. 

The preparation of pure hydrogen sulphide from ferrous sul¬ 
phide is a tedious process, and it is much more convenient to 
prepare the pure gas by the direct combination of its elements. 
For this purpose hydrogen is bubbled through nearly boiling 
sulphur, and the resulting mixture of hydrogen and sulphur 
vapour is passed over a catalyst consisting of finely divided 
nickel heated to 450° : 

H2 + S = H2S. 

Under these conditions the combination is almost complete, and 
pure hydrogen sulphide can be condensed out. 

Properties of hydrogen sulphide. Hydrogen sulphide is a 
colourless gas with an odour like that of rotten eggs. It con¬ 
denses to a colourless liquid which boils at — 61°. It is moderately 
soluble in water, one volume of which dissolves 3-1 volumes of 
the gas at 15°; it is therefore collected over hot water, in which it 
is much less soluble, or by the upward displacement of air. The gas 
is very poisonous at concentrations above o-i %, and the danger is 
increased by the fact that at concentrations above the fatal limit it 
paralyses the olfactory nerves and therefore cannot be smelt. 

In its chemical properties hydrogen sulphide behaves as; 

(<7) a reducing agent, 

(^) a dibasic acid. 
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The reactions of this compound are therefore classified and dis¬ 
cussed under these headings in the following paragraphs. 

(^j) Hydrogen sulphide as a reducing agent. Hydrogen 
sulphide is very readily oxidised to water and sulphur, as is shown 
by the fact that the gas burns when a lighted taper is applied to 
the open mouth of a jar full of the gas, giving a deposit of sulphur 
and moisture on the walls of the jar : 

iHgS +02 = 2 H 20 + aS. 

If, however, a plentiful supply of air is present, as when a jet of 
the gas is ignited, the sulphur is oxidised to sulphur dioxide, as 
represented by the equation : 

aHjS + 302 = 2H20 + 2S02. 

Now the ease with which hydrogen sulphide is oxidised accounts 
for the fact that it is a powerful reducing agent; thus it reduces: 

(i) the halogens to their hydrides, e.g. chlorine is reduced to 

hydrogen chloride, 

H2S+a2 = S + 2HCl, 

and iodine to hydrogen iodide, 

H2S+l2 = S + 2HI; 

(ii) concentrated sulphuric acid to sulphurous acid, 

H2S + H^SO, = S + H2O -f H2SO3, 

and sulphurous acid to sulphur, 

HoSOg + 2H2S = 3S + 3H2O ; 

(iii) hot dilute or cold concentrated nitric acid to nitrogen 

peroxide, 

2HNO3 + HoS = S + 2NO2 + 2H2O ; 

(iv) ferric salts to ferrous salts, 

aFeCla + H2S = S + 2HCI + aFeC^ ; 

(v) acidified potassium dichromate (orange-red) to a chromic 

salt (green), and acidified potassium permanganate 



HYDROGEN SULPHIDE AND SULPHIDES 289 

(purple) to a colourless manganous salt; the equations 
for these reductions are not given here because they 
are complicated and unlikely to be understood until the 
the student has read Chapter XXXVI, p. 473. 

(b) Hydrogen sulphide as a dibasic acid. Hydrogen sul¬ 
phide is a weak dibasic acid. Thus it is acidic to indicators and 
reacts with alkalis to form two series of salts, in which one or both 
of the hydrogen atoms have been displaced. For example, if the 
gas is passed into a solution of caustic soda, NaOH, sodium sul¬ 
phide, Na^S, is first formed, 

zNaOH + HgS ^NajS + zHjO, 
and then sodium hydrogen sulphide, 

Na,S-HH,S = 2NaHS. 

» m 

Precisely similar reactions take place with potassium hydroxide, 
KOH, and the products are potassium sulphide, KgS, and potas¬ 
sium hydrogen sulphide, KHS. 

The above sulphides are soluble in water, but most other 
metallic sulphides are insoluble, and therefore can be precipitated 
from solution by double decomposition. Sulphides which are 
insoluble in water can be divided into two classes, namely : 

I. Sulphides which are insoluble in both water and dilute acids, 
e.g. the sulphides of copper, lead, mercury, tin, etc. 

II . Sulphides which are insoluble in water but soluble in dilute 
acids, e.g. the sulphides of zinc and iron, etc. 

The sulphides of class I are precipitated when hydrogen sulphide 
is passed into a solution of a salt of the metal, e.g. solutions of 
copper sulphate and lead nitrate give black precipitates of copper 
sulphide and lead sulphide : 

CUSO4 +H2S = CuS -I-H2S04, 

PbCNOa)^ + HjS = PbS 4- 2HNO3. 
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The last reaction is so sensitive that the blackening of a filter 
paper, moistened in a solution of a lead salt, is used to detect 

even traces of hydrogen sulphide. 

The sulphides of class II are not usually precipitated by the action 
of hydrogen sulphide on a solution of the metal salt, because the 
acid that is liberated by the double decomposition is generaUy 
sufficient to redissolve the sulphide, e.g. : 

FeSO^ + H2S ^ FeS +H2S04. 

These sulphides have therefore to be precipitated in neutral or 
alkaline solutions, as when ammonium sulphide is added to a 
solution of ferrous or zinc sulphates: 

(NH^)2S + FeS04 = (NH4)2S04+FeS, ferrous sulphide; 

(NHJoS +ZnS04 = (NH4)2S04 +ZnS, zinc sulphide. 

The behaviour of sulphides towards water and dilute acids is 
utilised to separate metals in qualitative analysis. Thus the addi¬ 
tion of hydrogen sulphide to a weakly acidic solution of a mixture 
of salts precipitates those metals whose sulphides are insoluble 
in dilute acids ; the neutralisation of the free acid, followed by 
the addition of ammonium sulphide, then precipitates those 
metals whose sulphides are insoluble in water but soluble in 
dilute acids, whilst the metals left in the solution are those whose 
sulphides are soluble in water. 

Mineral sulphides. It is interesting to note that zinc blende, 
ZnS, galena, PbS, copper sulphide, CuS (with other sulphides), 
and cinnabar, HgS, are the principal minerals from which zinc, 
lead, copper and mercury are extracted. The sulphides are first 
roasted in air to give the oxide, which is then reduced with 
carbon, e.g.: 

aZnS + 302 = aZnO + zSOj, 

ZnO+C = Zn + CO, 

but mercuric oxide is unstable above 400®, and therefore mercury 
is obtained when cinnabar is roasted. 
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Formula of hydrogen sulphide. Since hydrogen sulphide 
can be synthesised from pure hydrogen and sulphur, we may 
write down its molecular formula as 

H.S„, 

where x and j are simple whole numbers. 

The relative vapour density of hydrogen sulphide is 17 ; hence 
its molecular weight is 34. Since the sulphur atom weighs 
3 2 units and the hydrogen atom i unit, it is clear that j equals one, 
and that x is probably equal to two. The latter is confirmed by 
the volumetric composition of the gas (Expt. 44, p. 292), viz.: 

I vol. hydrogen + sulphur = i vol. hydrogen sulphide. 

Hence by Avogadro’s law : 

n mols. hydrogen + sulphur =/7 mols. hydrogen sulphide ; 

I mol. hydrogen + sulphur = i mol. hydrogen sulphide. 

Hydrogen is diatomic, hence : 

Hg +yS = I mol. hydrogen sulphide -HgS,, 

and^ must be unity to satisfy the value of the vapour density. 

/, the molecular formula is HgS. 


EXPERIMENTS 

Expt. 43. To prepare hydrogen sulphide and examine its pro¬ 
perties. 

Place 50 c.c. of water and about 20 grams of ferrous sulphide in a 
600 c.c. flask which is fitted with a thistle funnel and delivery tube 
leading to a trough of hot water (Fig. 58, p. 292). Add 25 c.c. of 
concentrated hydrochloric acid and collect two jars of the gas over 
hot water. Then note what happens when the gas is passed into 
solutions of: (i) litmus, (ii) iodine, (ui) ferric chloride, (iv) acidified 
permanganate, (v) acidified chromate, (vi) concentrated sulphuric acid, 
(vii) concentrated nitric acid, (viii) copper sulphate, (ix) lead nitrate. 
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(x) zinc sulphate, (xi) zinc sulphate to which bench dilute sulphuric 
acid has been added. Try to interpret your observations. 

Test the jars of hydrogen sulphide as follows: 

(a) Apply a lighted taper; what is the deposit that is left on the 

side of the jar? 



Fig. j 8. Preparation of hydrogen sulphide. 


(b) Place mouth to mouth with a jar of sulphur dioxide, and if 
nothing happens add a litde water. 

Expt. 44. Volumetric composition of hydrogen sulphide. 

Hydrogen sulphide may be shown to contain its own volume of 
hydrogen by heating it with metallic copper. 

Copper foil is placed in a wide glass tube (Fig. 59), the ends of which 



Fig. 59. Volumetric composition of hydrogen sulphide. 
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are drawn out and fitted with rubber tubes and clips. The apparatus 
is filled with hydrogen sulphide at room temperature and pressure, 
and then clipped up (alternatively the ends of the tube can be sealed 
with a blowpipe). On heating gently in a Bunsen flame, the copper 
interacts with the hydrogen sulphide to form cuprous sulphide, Cu^S, 
and hydrogen. The tube is allowed to cool, and the volume of hydro¬ 
gen shown to be equal to the original volume of hydrogen sulphide 
by opening one end under mercury. 

QUESTIONS ON CHAPTER XXII 

1. Describe the preparation of hydrogen sulphide, giving in detail 
the experiments you would perform to illustrate its chief properties. 
How would you show (a) that the gas contains both hydrogen and 
sulphur, and {h) that it contains its own volume of hydrogen? (S.L.C.) 

2. Describe the preparation and properties of hydrogen sulphide. 

How would you prove that the formula of the gas is HjS? 

(O. and C.S.C.) 

3. Sketch, and explain the action of, an apparatus suitable for the 
preparation of a continuous supply of sulphuretted hydrogen which 
may be shut off at will. What materials would you use in the prepara¬ 
tion of the gas by this method? What impurity would the gas contain, 
and why? How does sulphuretted hydrogen react with aqueous 

solutions of (^) copper sulphate, (b) ammonia, (r) chlorine? 

(C. W.d.o.L*) 

4. Describe fully how hydrogen sulphide is prepared. What is the 
chief use of this gas in the laboratory? Write equations for, and name 
the products of its action upon copper sulphate solution, sulphur 
dioxide, chlorine water, and sodium hydroxide solution. (O.S.C.) 

< What is the action of hydrogen sulphide on (a) concentrated 
nitric acid and solutions of (b) lead nitrate, (r) potassium hydroxide, 
(d) sulphur dioxide, (e) ferric chloride? What experiments would you 
perform to verify your statements in one of the above reactions. 

6. Calculate the volume of hydrogen sulpWde that would be 
liberated at 15^ and 740 mm- by the action of an excess dilute 
hydrochloric acid on 2-0 grams of pure ferrous sulphide. [Fe = s6. 

S = 32.] 
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OXIDES, OXY-ACIDS AND OXY-SALTS OF SULPHUR 

Introduction. Sulphur unites with oxygen to form several 
oxides, the most important of which are : 

Sulphur dioxide, SOg. Sulphur trioxide, SO3. 

These two oxides unite with water to form : 

Sulphurous acid, H2S03(H20 + SO^), which gives salts called 
sulphites, e.g. sodium sulphite, NagSOa. 

Sulphuric acid, H2S04(H20 + SO3), which gives salts called 
sulphates, e.g. sodium sulphate, Na2S04. 

Preparation of sulphur dioxide, SOj. Sulphur dioxide is 
usually prepared in the laboratory by heating concentrated sul¬ 
phuric acid with copper turnings ^ig. 61, Expt. 45, p. 311). The 
reaction may be represented by the equation : 

Cu + 2H2SO4 = CUSO4 + SO2 + 2H2O. 

but is clearly more complex than this, since an appreciable quan¬ 
tity of cuprous sulphide, CugS, is formed at the same time. 

Sulphur dioxide can also be obtained by the action of a dilute 
acid on a sulphite, e.g. sodium sulphite and hot, fairly dilute sul¬ 
phuric acid interact according to the equation : 

NasSOs + H2SO4=NasS04 + SOj+HjO, 
compare : NajCOg + H2SO4=Na2S04 + CO2 + HgO. 

Enormous quantities of sulphur dioxide are prepared on the 
industrial scale by burning sulphur, iron pyrites, 

4FeS2 +11 02 = aFcgOa + SSOg, 
and other metallic sulphides such as zinc sulphide. 
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Properties of sulphur dioxide. Sulphur dioxide is a colour¬ 
less pungent smelling gas, which is very soluble in water, one 
volume of which dissolves 80 volumes of the gas at 0°. It is 
more than twice as dense as air, and is therefore collected in the 
laboratory by the upward displacement of air. 

In its chemical properties sulphur dioxide behaves as 

(i) An acidic oxide. 

(ii) A reducing agent. 

(iii) An oxidising agent. 

Acidic properties of sulphur dioxide. Sulphur dioxide reacts 
with water to form a weak dibasic acid, sulphurous acid, 

HsO + SOg^HoSOg, 

and with alkalis to form sulphites, which are salts of this acid : 
2NaOH + SOo = HgO -1- NagSOg, sodium sulphite ; 
NaaSOg + HgO-t-SO, =2NaHS03, sodium bisulphite. 

These reactions bear a close resemblance to those of carbon di¬ 
oxide (p. 195), and sulphites are similar to carbonates in that they 
are decomposed by dilute acids, e.g.: 

NaaSOg + H 3 SO, = Na^SO, 4- SO^ + HA 
compare : Na2C03+ H2SO4 = Na2S04 + CO2 + HgO. 

Unlike carbon dioxide, sulphur dioxide is very soluble in water, 
hence it is necessary to heat the sulphite with the dilute acid in 
order to expel the sulphur dioxide. 

Reducing properties of sulphur dioxide and sulphurous 
acid. Although sulphur dioxide does not unite easily with 
oxygen to form sulphur trioxide, SO3—the gases having to be 
heated to about 450° in contact with a platinum catalyst (p. 298)— 
its solution in water is readily oxidised to sulphuric acid. Thus 
sulphurous acid is slowly oxidised on exposure to the air, 

2H2S03+02 = 2 H 2 S 04 , 

and, like hydrogen sulphide (p. 288), rapidly reduces ; 
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(i) the halogens to their hydrides, e.g. chlorine is reduced to 

hydrochloric acid, 

Ck + HP + H2SO3 = H2SO4 4 - 2HCI, 
and iodine to hydriodic acid, 

I2 + HP + H2SO3 = H2SO4 + 2HI; 

(ii) ferric salts to ferrous salts : 

Fe2(SO^)3 + H2O + H2SO3 = aFeSO^ + aH^SO^; 

Ferric sulphate Ferrous sulphate 

(Ui) orange-red potassium dichromate to green chromic sul¬ 
phate, and purple potassium permanganate to colourless 
potassium and manganous sulphates : the equations 
for these reactions are not given here because they are 
complicated and unlikely to be understood until the 

student has read Chapter XXXVI, p. 475. 

Oxidising properties of sulphur dioxide. Since sulphur 
dioxide contains oxygen it is capable of acting as an oxidismg 
agent when it is subjected to drastic treatment. Thus, although 
the gas extinguishes a lighted taper and wood splint, it supports 
the combustion of vigorously burning magnesium, 

2Mg + SO2 = zMgO + S, 

and will oxidise red-hot carbon to carbon dioxide, 

S02 + C = S + C0^, 

a reaction which is becoming of industrial importance for the 
extraction of sulphur from the sulphur dioxide in flue gases. 

Sulphur dioxide will also effect a number of other oxidations : 
for example, it oxidises moist hydrogen sulphide to water and 
sulphur: 

2H2S-|-S03 = 2 H 20 -|- 3 S. 

It is essential to realise, however, that sulphur dioxide is primarily 
a reducing agent, especially in contact with water, and that its 
oxidising properties are much less obvious. 
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Formula of sulphur dioxide. Sulphur dioxide can be ob¬ 
tained by burning sulphur in oxygen, hence its molecular formula 
must be : 

s.o,. 

where x and_y are simple whole numbers. 

The relative vapour density of sulphur dioxide is 32, so that 
its molecular weight is 64. Since the atom of sulphur weighs 52 
units and the atom of oxygen 16 units, it is clear that the mole¬ 
cular formula must be : 

SO2. 

This is in harmony with its percentage composition by weight; 

Sulphur = 50%. Oxygen = 50%. 

Furthermore, sulphur burns in oxygen without an appreciable 
alteration in the total volume (apparatus, p. 197), i.e.: 

Sulphur (negligible vol) -H 1 vol. oxygen = i vol. sulphur dioxide. 
By Avogadro’s law : 

sulphur-I-« molecules oxygen =« molecules sulphur dioxide; 

X- atoms sulphur + i molecule oxygen 

= i molecule sulphur dioxide. 

Hence : xS -i- Og = S^-Og. 

Uses of sulphur dioxide. This oxide is mainly employed in 
the manufacture of sulphuric acid (below) and sulphites, such as 
calcium bisulphite, Ca(HS03)2, which is used to disintegrate and 
bleach wood fibre for the production of paper pulp. Since sul¬ 
phur dioxide is a reducing agent it has bleaching properUes, and 
these are utilised for removing the colour from materials such as 
straw and sponges, which are injured by chlorine and hypo¬ 
chlorites. Colours bleached by sulphur dioxide are usually 
restored by prolonged exposure to the air, so that white straw 
hats gradually turn yellow ; this is clearly an advantage to the 
straw hat manufacturer. 
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Sulphur trioxide, SO3. When a mixture of sulphur dioxide 
and oxygen is passed over a heated platinum catalyst, sulphur 
trioxide is formed : 

2 SO 2 +00 = 2503. 

This oxidation may be carried out by means of the apparatus 
shown in the diagram. Sulphur dioxide and oxygen are bubbled 
at about the same rate through concentrated sulphuric acid in the 
conical flask ; the acid acting as a gauge as well as a drying agent. 


ait>estos 
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The mixture of gases is then passed over platinised asbestos 
wool which is heated in a hard-glass tube. The resulting sulphur 
trioxide is condensed as a white solid in the flask, which is cooled 
in a freezing mixture of ice and salt. The neck of the flask is 
partially drawn out so that at the end of the experiment it can 
easily be sealed in a blow-pipe flame. 

Since sulphur trioxide reacts with water to form sulphuric acid, 

H20 + S03=HaS04, 

it is essential to see that the inside of the apparatus is quite dry 
at the start of the experiment. 

Sulphuric acid, HgSO^. Sulphuric acid is manufactured from 
sulphur dioxide by : 

{a) The Lead Chamber Process. 

{b) The Contact Process. 
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Apart from the fact that they both use air for the oxidation of the 
sulphur dioxide, these two processes are entirely different, and 
hence it is necessary to give an outline of each of them. 

{a) The Lead Chamber Process. In this process sulphur 
dioxide, prepared by burning iron pyrites or some other cheap 
source of sulphur, 

4FeS2 + ii 02 = 2Fe203 + 8 SO 2 , 

is oxidised in large lead chambers to sulphuric acid by the action 
of water, air and nitrogen peroxide. It is thought that the 
nitrogen peroxide oxidises the sulphur dioxide to sulphuric acid 
according to the equation, 

H20+S02 + N02 = H2S0^ + N0,.(i) 

and that the resulting nitric oxide, NO, then combines with the 
oxygen of the air to reform nitrogen peroxide, 

2N0 + 02 = 2N02, .(ii) 

which can oxidise more sulphur dioxide as in equation (i). The 
nitrogen peroxide is therefore regarded as a catalyst, but it is 
incapable of oxidising an unlimited quantity of sulphur dioxide, as 
small quantities of it escape from the plant and also undergo 
decomposition to nitrogen. 

The Lead Chamber process is complicated by the fact that the 
nitrogen peroxide and nitric oxide have to be extracted from the 
waste gases (which are left after all the sulphur dioxide has been 
oxidised) and put back into the process with fresh sulphur di¬ 
oxide and air. This is effected by passing the spent gases up a 
Gay-Lussac Tower, down which a stream of concentrated (78%) 
sulphuric acid is passing. The nitroso-sulphuric acid thus 
formed, 

NO2 + NO + 2H2SO4 ^ 2NOHSO4 + H2O -t-heat, ....(iii) 

is then passed to the top of a Glover Tower, where it is de¬ 
composed back into oxides of nitrogen and sulphuric acid by 
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mixing with dilute sulphuric acid from the lead chambers. The 
above reaction, equation (iii), is reversed by the water in the 
dilute “ chamber ” acid and by the heat from the hot burner 
gases (SO2, O2, NOg, N,), which are passed up the tower on 
their way to the lead chambers. 

Having discussed the chemical changes which occur in the 
lead chamber process, it is now convenient to consider in outline 
the working of the plant, a diagrammatic representation of which 
is given in Fig. 60. The hot gases, prepared by roasting iron 
pyrites, “ spent iron oxide ” (p. 227), or zinc sulphide, etc., arc 
passed into a long flue, in which dust is deposited and into which 
oxides of nitrogen (NO 2. etc.) are distilled from nitre pots 
(NaNOj + H.2SO4) standing in the flue. The gases are then led 
into the bottom of the Glover tower, a square shaft packed with 
earthenware rings, over which trickles a mixture of dilute 
chamber-acid with nitroso-sulphuric acid, NOHSO4, from the 
Gay-Lussac tower. Here in the Glover tower some sulphuric 
acid is formed according to equation (i) ; the nitroso-sulphuric 
acid is decomposed according to the lower arrow in equation 
(iii). and the oxides of nitrogen are thereby returned to the pro¬ 
cess ; the hot gases are cooled ; and finally sulphuric acid of 
78% strength collects at the bottom of the tower and is used in 
part for the Gay-Lussac tower. The gases are passed from the 
Glover tower to three or four very large chambers which are 
lined with lead. Here water is sprayed from the roof in fine jets 
and the bulk of the sulphuric acid is produced according to the 

equation : ^ 

HgO + SOo + NO2 = H 2 S 04 +NO. 

The acid which collects at the bottom of the chambers is 
called Chamber Acid, and contains about 65 % of sulphuric acid. 
An acid of higher concentration cannot be obtained here, because 
it would absorb the oxides of nitrogen and attack the lead fining 

of the chambers. 
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Finally, the spent gases, which consist largely of nitrogen, are 
passed up the Gay-Lussac tower, where the valuable oxides of 
nitrogen, NO and NOj, are extracted by a stream of cold concen¬ 
trated sulphuric acid flowing over coke : 

.. NO +NO2 + 2H2SO4->2NOHSO4 + HjO. • 

{h) The Contact Process. This process depends upon the 
fact that sulphur dioxide is rapidly oxidised to sulphur trioxide 
when it is heated with air in the presence of finely divided plati¬ 
num, which acts as a catalyst: 

zSOz + 02^ 2SO3 + heat. 

The oxidation is reversible, and as it is exothermic, i.e. heat is 
evolved, it is necessary to carry it out at as low a temperature as 
possible, otherwise the reverse action becomes increasingly im¬ 
portant. However, as we have mentioned in an earlier chapter, 
the rate of a reaction increases enormously .with the temperature, 
so that a balance has to be struck whereby a good yield is ob¬ 
tained and the reaction is sufficiently rapid. In practice a tem¬ 
perature of about 440° C. is used, although it is customary to 
allow the initial action to take place more rapidly at a higher 
temperature, say 600° C., and then to bring the latter down to 
the optimum temperature before the gases leave the converter. 
The oxidation of the sulphur dioxide is made virtually complete 
by using about three times as much air as is required theoretically. 
This reminds us of the fact that all reversible reactions can be 
made to go almost to completion by using a large excess of one 
of the reactants (see p. 143). 

Two difficulties in particular were encountered when this 
process was being developed. Firstly, it was found that the 
finely divided platinum rapidly lost its catalytic activity owing 
to the ** poisoning ** effect of impurities, such as arsenious oxide, 
in the crude sulphur dioxide, which therefore had to hs^urified 
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as described below. Secondly, the sulphur trioxide was not 
efficiently absorbed by passing it through water, 

SOe + HjO^HoSO^, 

but gave instead a fog of minute droplets of sulphuric acid which 
enveloped the works in a poisonous mist. This difficulty was 
avoided by passir>g the gas into concentrated sulphuric acid and 
adding more water as required. 

In the Badische process, the gas from the pyrites burners, contain¬ 
ing roughly 7% SOo, 10% Oj and 83% Ng, is parsed through a dust 
chamber and cooler to a series of filter boxes ; it is then washed with 
a weak solqjion of sodium carbonate, and dried by passing through 
towers containing coke drenched with concentrated sulphuric acid. 
The cold purified gas is now heated up by utilising the heal from the 
pyrites burners and the converter, and is then passed into the con¬ 
verter, which is packed with platinised asbestos—the latter is a con¬ 
venient way of getting a large surface area for contact with the gas, since 
the larger the surface area of the catalyst the quicker the action is. 
The gas lea,ves the converter at 440®, and, after being cooled by the 
oncoming purified suljDhur dioxide mixture, is absorbed in sulphuric 
acid of about 97V0 strength. Water is usually added to the latter to 
balance that removed by the sulphur trioxide, but a considerable 
quantity of fuming sulphuric acid or oleum is also manufactured. 
This contains as much as 70 parts of sulphur trioxide in 100 parts of 
sulphuric acid (i.c. H2SO4 + SO3 or H2S2O7). 

Relative advantages of the contact and lead chamber 
processes. The main advantage of the lead chamber process is 
that it provides a very cheap acid, which is suitable for the manu¬ 
facture of ammonium sulphate and superphosphate -(p. 359). 
Chamber acid, however, contains only about 68% of sulphuric 
acid, and has therefore to be concentrated by evaporation when 
a stronger acid is required. In addition it contains poisonous 
impurities, sueb-as arsenious oxide, which have to be removed 
before it is fit for the manufacture of edible products. On the 
other hand, the acid'obtained by the contact process is sub¬ 
stantially pure and is cheaper than purified chamber acid, so that 
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it is gradually ousting the latter from the market. Furthermore, 
only^the contact process can produce “ oleum ” or fuming sul¬ 
phuric acid, which contains up to 70% of SO3 dissolved in sul¬ 
phuric acid and is of considerable importance to the synthetic 
drug and dye industries. In 1924 the contact process accounted 
for about 5% of the British output of sulphuric acid, but by 

1956 this figure had risen to 30%. 

Properties of sulphuric acid. Sulphuric acid is a colourless 

syrupy lic[uid which boils at 55'^°* ^ specific gravity of 

1*85 at In its chemical properties it exhibits the triple function 
of an add, an oxidising agent, and a powerful dehydrating agent. 

Thus : 

Acid properties of sulphuric acid. In dilute aqueous solu¬ 
tion sulphuric acid has all the usual properties of an acid. Thus 
it turns blue litmus red and reacts with bases to form a salt and 
water, e.g. 

CuO 4 H2S0i = H20 4-CuS 04, copper sulphate. 

Since sulphuric acid is a dibasic acid (p. 128) it will interact with 
some bases to form both normal salts and acid salts, e.g. with 
potassium hydroxide it can yield normal potassium sulphate, 

zKon + H 2 SO 4 =K2S04 + 2 H A 

or add potassium sulphate, 

KOH + H 2SO4 = KHSO4 H 2O, 

according to the proportions in which the acid and base are 
mixed. 

Dilute sulphuric acid attacks nearly all carbonates to give 
carbon dioxide, a sulphate and water, e.g. 

Na^COg + H2SO4 ^Na^SO^ + CO^ + H^O, 

but it is virtually without action on calcium carbonate, because 
the latter is rapidly covered with a layer of insoluble calcium sul¬ 
phate which protects it from further action. 
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Finally, dilute sulphuric acid reacts with the more electro¬ 
positive metals (see p. 382) to give hydrogen and a sulphate, e.g. 

Zn*-i-H 2 S 04 ^ZnSOj + Hj, 

but, like hydrochloric acid, it is without action on lead, copper 
and mercury. Hot concentrated sulphuric acid attacks nearly all 
metals, including lead, copper and mercury, but in no case is 
hydrogen the main gaseous product. The explanation of this 
behaviour is given in the next section. 

Oxidising properties of sulphuric acid. Concentrated, but 
not dilute, sulphuric acid is a powerful oxidising agent. Thus, 
when heated, it will oxidise charcoal to carbon dioxide, 

C + = C02 + 2SO2 + 2H2O ; 

sulphur to sulphur dioxide, 

S-»- 2 H 2 S 04 = 3S02 + 2H20; 
and “ nascent ” hydrogen to water, 

H2 + H 2 SO, ^SOg + 2H2O. 

The last reaction accounts for the fact that sulphur dioxide and 
not hydrogen is the main gaseous product when the more electro¬ 
positive metals are attacked by the concentrated acid, e.g. 

Zn -t- 2H2SO4 = ZnSOj + SO2 + 2H2O, 
but some hydrogen usually escapes oxidation, since it can generally 
be detected as a product of the reaction. 

In virtue of its oxidising properties, the hot concentrated acid 
reacts with the less electropositive metals, such as copper, lead 
and mercury, giving a sulphate, sulphur dioxide, water and other 
products; for example, with copper, an appreciable quantity of 
cuprous sulphide is obtained as well as cupric sulphate (p. 294). 

The oxidising power of sulphuric acid is due to the fact that 
its anhydride, sulphur trioxide. SO3, readily gives up oxygen and 

* Pure zinc docs not react with the dilute acid, and is therefore treated with a 
solution of copper sulphate (sec p. 139). 
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reverts to sulphur dioxide. Thus, the oxidation of carbon might 
well be represented by the equation : 

C + iSO^ = CO^ + zSO^, 

instead of: _ 

C + zH^SO^ = COa + zSO, + 2H2O. 

It is therefore quite natural that fuming sulphuric acid, i.e. sul¬ 
phuric acid which contains SO3 dissolved in it (p. 3 ^ 5 )> should be 
a stronger oxidising agent than pure sulphuric acid. For this 
reason the fuming acid is used extensively for oxidations in the 

synthetic drug and dye industries. 

Affinity of sulphuric acid for water. Concentrated sulphuric 
acid has a very great affinity for water, as is shown by the fact 
that 550 calories of heat are evolved when i gram of the 96% 
acid is added to 100 grams of water. For this reason, when con¬ 
centrated sulphuric acid has to be diluted with water, it is essential 
to add the acid to the water and not the other way round—more¬ 
over, the acid and the water should both be cold before they are 
mixed. If water is poured into concentrated sulphuric acid, so 
much heat is liberated round the surface of each drop of water 
that a portion of it is converted into steam. This produces a 
large and very rapid expansion in volume, with the result that 
the acid is sprayed in all directions. On the other hand, when 
sulphuric acid is added to water, the drops of acid are not 
vaporised because of their much higher boiling point, and 
therefore there is no spraying. 

The affinity of sulphuric acid for water is also shown by the 
fact that it can remove the ** elements of water from many 
organic compounds. For example, it attacks a strong solution 
of cane sugar to give carbon, 

C12H22O11 - 11H2O = i 2 C ; 

and formic acid to give carbon monoxide (p. 219): 

HC 00 H-H 20 =C 0 . 
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The term “ elements of water ” is used to describe the fact that 
the hydrogen and oxygen are not present as water in the organic 
compound. 

The very corrosive action of concentrated sulphuric acid on 
the skin or clothes is likewise due to the removal of the elements 
of water from the organic substances of which they are composed ; 
it is therefore essential to apply plenty of water when the con¬ 
centrated acid has been spilt on one’s person. Furthermore, in 
the case of clothes it is necessary to neutralise the diluted acid 
with a solution of sodium bicarbonate, otherwise the acid 
gradually becomes concentrated by evaporation and then burns 
the cloth. 

Finally, mention may be made of the fact that concentrated 
sulphuric acid is used to dry gases such as oxygen, nitrogen, 
hydrogen, chlorine, hydrogen chloride, carbon dioxide and car¬ 
bon monoxide, but it cannot be used to dry ammonia or hydrogen 
sulphide, since it interacts with these gases according to the 
equations : 

2NH3 + H2S04=(NH4)2S04 (ammonium sulphate), 

H^S -HH2SO4 = S + H2SO3 + H.O. 

Note that the first reaction depends upon the acid character of 
sulphuric acid, and the second on the oxidising power of the 
concentrated acid. 

Uses of sulphuric acid. In 1950 the world’s annual pro¬ 
duction of sulphuric acid reached the incredible figure of about 
25,000,000 tons. The crude chamber acid is used in large 
quantities for the manufacture of the artificial fertilisers, am¬ 
monium sulphate (p. 523) and superphosphate (p. 359), as well 
as for cleaning castings and pickling steel plates. The pure acid 
is used on an enormous scale in the refining of petroleum and in 
the preparation of sodium sulphate, drugs, dyes, edible products, 
and, after dilution with water, in lead accumulators. 
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Preparation of sulphates. Apart from calcium sulphate 
(Gypsum, CaS04,2H,p, and Anhydrite, CaSOj, magnesium sul¬ 
phate (Epsom Salts, MgSO^.yHP) and potassium sulphate, 
there are no extensive natural sources of sulphates, so that they 
have to be prepared by the general methods that are employed 
for making salts, viz.: 

(i) By the action of dilute sulphuric acid on the more electro¬ 
positive metals such as zinc, magnesium and iron, 

Fe + H2S0i=H2 + FeS04 (ferrous sulphate), 

and by the action of hot concentrated sulphuric acid on base 
metals such as mercury and copper, but not lead : 

Hg + 2H2SO4 = HgS 04 4 - SO3 + 2H2O. 

(ii) By the action of dilute sulphuric acid on a base, e.g. copper 
sulphate (p. 465) is manufactured in this way from copper oxide : 

CuO +H2S04 =CuS04 + H2O. 

(iii) By the action of dilute sulphuric acid on a carbonate, e.g. 
sodium sulphate can be prepared in the laboratory' by this means : 

Na^COa + H,SO, + CO2 + H2O. 

(iv) By the double decomposition of a salt with sulphuric acid 
or a soluble sulphate. Thus sodium sulphate is manufactured by 
heating common salt with concentrated sulphuric acid, when 
hydrochloric acid is expelled as a gas : 

zNaC! -H H2SO4 =Na2S04 + zHCI. 

But dilute sulphuric acid, or a sulphate, can be used to precipitate 
the insoluble sulphates of lead and barium : 

Pb(N03)2 + H2S04 =PbS04 + 2HNO3, 

BaCU + H2SO4 =BaS04 + 2HCI. 

Properties of sulphates. Most of the common sulphates are 
colourless crystalline solids which are quite soluble in water, but 
the hydrated sulphates of copper and ferrous iron are blue and 
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green respectively, and the sulphates of lead and barium arc 
insoluble in water. 

Sulphates arc often heavily hydrated, e.g. sodium sulphate 
forms a decahydrate, Na2S04,ioH20, and the sulphates of many 
bivalent metals form hcptahydrates, e.g. : 

FeS04,7H20. MgSO^.yH^O, etc. 

These heptahydrates are of interest because they are isomorphous, 
i.e. similar in crystalline shape, and can exchange one of their 
molecules of water of cr>’staliisaiion for a molecule of a sulphate 
of a monovalent metal and thus form a double sulphate, 
e.g.: 

ferrous ammonium sulphate, FeS04,(NH4)2S04,6H20 

is of considerable importance in volumetric analysis. 

Sulphates are usually very stable, and merely lose their water 
of crystallisation when they are heated gently. Sodium and 
potassium sulphates are unaffected even when heated strongly, 
but the sulphates of the heavy metals usually break down to the 
oxide, e.g. ferrous sulphate first loses its water of crystallisation 
and then decomposes into ferric oxide (rouge), sulphur trioxide 
and sulphur dioxide, 

2FeS04 =Fe203 + SO3 + SOj, 

a reaction which was once employed for making sulphuric acid 
(p. 310). 

The sulphates can only act as oxidising agents under extreme 
conditions; this is perhaps surprising in view of the powerful 
oxidising action of concentrated sulphuric acid and of most salts, 
which, like the sulphates, contain a large amount of oxygen. 
When’sulphates are heated strongly with carbon they are reduced 
to sulphides, a reaction which was formerly used in the old 
Leblanc process (p. 212) for making sodium carbonate : 

Na2S04 + 2C=Na2S + 2C02. 
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Sulphates are identified in solution by the fact that they give a 
white precipitate of barium sulphate with a solution of barium 
chloride made acid with dilute hydrochloric acid, e.g.: 

BaClj + NagSOj =BaS04 + aNaCI. 

Uses of sulphates. The sulphates are of considerable import¬ 
ance in everyday life ; e.g. ammonium sulphate (p. 325) is used 
as a fertiliser; sodium sulphate (p. 398) in the manufacture of 
glass, and its hydrate, Na2S04,ioH20, as Glauber’s salt for 
medicinal purposes ; calcium sulphate (p. 407) as plaster of Paris; 
barium sulphate (p. 454) as a constituent of white paint; mag¬ 
nesium sulphate in the form of Epsom Salts (p. 412) as a purga¬ 
tive ; copper sulphate (p. 463) as a fungicide ; and potash alum 
(p. 440) as a mordant. 


HISTORICAL NOTES 


Sulphuric acid, or Oil of vitriol, was not known to the ancients 
but its preparation by the distillation of alum was described in the 
Latin " Works of Geber ” (1200 a.d. ?). 


KjSO,,AI,(S 0 J 3 , 24 H, 0 =KjSO, + A1A + 3 

The gaseous products were condensed to give a solution of sulphurous 
and sulphuric acids—the sulphurous acid being gradually oxidised by 
the atmosphere to sulphuric acid. 

Until the eighteenth century sulphuric acid was mainly prepared 
by the distillation of ferrous sulphate, so-called green vitriol (Latin 
vitruniy glass, hence oil of vitriol for sulphuric acid): 


aFeSO^.yHjO “FcjO, + SOg + SO3 + 14H2O. 

The above decomposition takes place m two stages: the water of 
crystallisation is first expelled, leaving white anhydrous ferrous sul¬ 
phate, which then decomposes into ferric oxide, sulphur dioxide and 
trioxide. The latter dissolves in the condensed water to give sulphuric 
acid. Fuming sulphuric acid is obtained if most of the water is dis¬ 
carded before the sulphur trioxide is driven off, and was manufactured 
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in this way in Bohemia in the sixteenth century. During the Thirty 
Years’ War (1618-1648) the industry was transferred to the Harz 
country' and the acid distributed from Nordhausen, whence the name 
Nordhausen or Fuming Sulphuric Acid. The manufacture of the 
fuming acid by distilling ferrous or ferric sulphate, 

Fe2(SOj)3 = FcgOa + 3 SO3, 

was continued until the second half of the nineteenth century, when 
it was displaced by the Gjntact Process (p. 302). 

In the seventeenth century, ordinary sulphuric acid was generally 
manufactured by burning sulphur in air under a glass bell standing in 
water to absorb the fumes. The operation of burning with fresh air 
was repeated until the water contained sufficient acid for it to be satis¬ 
factorily concentrated by heating in a glass retort. The method was 
inefficient because sulphur burns mainly to sulphur dioxide, and this 
dissolves in water to give sulphurous acid, H2SO3, which is only 
slowly oxidised by the air to sulphuric acid. The efficiency of the 
method was greatly increased by burn¬ 
ing a mixture of 8 parts of sulphur 
with one of nitre, KNO3, the latter pro¬ 
viding the oxygen for the combustion. 

It was from this modification that the 
Lead Chamber Process was evolved 
during the years 1740 to 1859. 

EXPERIMENTS 

Expt. 45. To prepare sulphur diox¬ 
ide and examine its properties. 

Place about 25 grams of copper 
turnings in a flat-bottomed 600 c.c. 
flask, and fit the latter with a cork, 
thistle funnel and delivery tube, as 
shown in Fig. 61. Pour 120 c.c. of 
concentrated sulphuric acid down the thistle funnel, and heat the flask 
cautiously on a wire gauze and tripod stand, being careful to see that 
the bottom of the thistle tube is covered with the acid. Collect five 





Fic. 61. Preparation of 
sulphide dioxide. 
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gas-jars, a, b, ei, e, of sulphur dioxide. Then pass the gas into test-tubes 
containing dilute solutions of (a) iodine, (b) potassium permanganate, 
(r) potassium dichromate, until no further change occurs; test each of 
the products for sulphuric acid by adding to barium chloride acidified 
with dilute hydrochloric acid (p. 310). 

Test the gas-jars as follows : 

(a) Note the colour and smell of the gas and its effect on moist 
litmus paper. 

(b) Invert the jar over water and remove the plate ; what happens? 

(r) Test the jar with a lighted taper ; then insert a piece of burning 

magnesium ribbon. Examine carefully the sides of the jar and the 
residual ash. What conclusions can you draw? 

(d) Place the jar mouth to mouth with a jar of hydrogen sulphide 
and leave for a few minutes : if no action appears to have taken place, 
add a little water and shake ; try to interpret your observations. 

(f) Moisten some coloured flowers with water and place them in 
the jar. Describe what happens. 

At the end of the experiment place the flask and its contents on one 
side for 14 hours. Then pour off the supernatant acid from the mud 
which has settled at the bottom of the flask. Wash this mud into a 
beaker with 60 c.c. of distilled water and allow the mixture to settle 
for 5 minutes, then pour off the clear liquid and boil the residue with 
30 c.c. of water. Filter into an evaporating dish and set the liquid 
aside to crystallise ; examine the crystals which separate, and also the 
residue that is left on the filter paper. 

Expt. 46. To investigate the properties of sulphuric acid. 

(a) Dilute sulphuric acid. Pour about 7 c.c. of the dilute acid into 
test-tubes containing (i) zinc, (ii) iron wire, (iii) copper turnings, 
(iv) calcium carbonate, (v) sodium carbonate, (vi) sodium sulphite, 
(vii) a solution of barium chloride. Warm, if necessary, and after 
identifying the gases, if any, try to explain your observ^ations. If no 
action appears to take place in (i), add a few drops of copper sulphate 
solution and repeat the test. 

{b) Concentrated sulphuric acid. Note carefully what happens when 
the concentrated acid is very cautiously added to test-tubes containing 
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(i) impure zinc, (li) copper turnings, (iii) sodium chloride, (iv) 
potassium iodide, (v) half a gram of cane sugar, Ci-jHa^Ou* in one c.c. 
of water, (vi) oxalic acid (COOH).,. It will be necessary to heat (i), 

(ii) and (vi), and to identify gases in (i), (ii), (in), (iv) and (vi). 

Expt. 47. To illustrate the lead chamber process. 

Nitric oxide, prepared by the action of dilute nitric acid on copper, 
is passed in a slow stream through a water bubbler, A (Fig. 62). into 



a large flask, C At the same time steam from a flask, £, air from 
hand bellows, D. and sulphur dioxide from a syphon are also passed 
into the flask. The rate of the flow of sulphur dioxide is indicated by 
the sulphuric acid bubbler. B, and should be three or four times as 
rapid as that of the nitric oxide ; the supply of air must also be plenu- 
ful. Reactions similar to those in the lead chambers take place, and 
dilute sulphuric acid collects in the bottom of the flask. 


QUESTIONS ON CHAPTER XXIII 

I. Describe the preparation and properties of sulphur dioxide. 
Give an account of the experim^ts and reasoning 
that the formula of this gas is SO2. ( • • • v 
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2. Describe a laboratory method of preparing pure dry sulphur 
dioxide. What reactions take place when this gas is passed into solu¬ 
tions of (<7) sodium hydroxide, {b) chlorine, (r) nitric acid? 

(O. and C.S.C.) 

3. How may sulphur dioxide be obtained in a moderately pure and 
dry state in the laboratory? 

What is the usual method of making this gas on the commercial 
scale, and what is the chief impurity then present in the gas? Explain 
briefly how this gas acts as a bleaching agent. 

What reactions occur between sulphur dioxide and {a) chlorine 
water, {b) caustic soda, (r) lead peroxide? (C.W.B.S.C.) 

4. Starting from sulphur, describe how you could prepare speci¬ 

mens of {a) plastic sulphur, {b) sulphur dioxide, (<*) sulphur trioxide, 
and {d) hydrogen sulplude. (J.M.B.S.C.) 

5. When copper is heated with concentrated sulphuric acid a 
reaction occurs represented by the equation : 

Cu + 2H2SO4 = CuS04 + aHgO + SO2. 

How would you {a) collect and identify the gaseous produa SO^, 
{b) make from the solid product, CUSO4, crystals of blue vitriol, 
CUSO4. 5H2O? (O.S.C.) 

6. Describe the properties of sulphuric acid. Why is this com¬ 
pound regarded as (a) an acid, (b) a dibasic acid? (O. and C.S.C) 

7. Starting with sulphur, how would you prepare in the laboratory 

(a) a weak solution of sulphurous acid, (b) a solution of sulphuric 
acid? Under what conditions and with what results does sulphuric 
acid react with copper? (J.M.B.S.C.) 

8. Describe a laboratory experiment to illustrate the contact pro¬ 
cess for the production of sulphuric acid. 

Name three common uses to which the acid is put. 

What reasons have we for saying that sulphuric acid is dibasic? 

(J.M.B.S.C.) 

9. Describe the processes in the manufacture of sulphuric acid by the 
lead chamber method. [Technical details are not required.] (C.S.C.) 

10. What is the lead chamber process for making sulphuric acid? 

Give examples showing that sulphuric acid may act as (a) an oxidis¬ 
ing agent, {b) a dehydrating agent, (r) a dibasic add. (L.M.) 

11. How would you show that sulphuric add contains hydrogen, 

sulphur and oxygen, and how would you demonstrate its relation to 
sulphurous acid? (O. and C.S.C.) 



CHAPTER XXIV 

NITROGEN, AMMONIA AND AMMONIUM SALTS 

NITROGEN. N = i4 

Occurrence of nitrogen. Nitrogen is present in the free state 
in air, of which it forms 78% by volume or 75-5% t>y weight. 
It occurs in vegetable and animal tissues, mainly in the form of 
very complex compounds known as Proteins. Very large 
deposits of sodium nitrate, NaNOg, are found as Chile Salt¬ 
petre in the desert soils of Chile, and potassium nitrate or 
Saltpetre, KNO3, is widely though sparsely distributed in many 

soils. 

Preparation of nitrogen. A crude specimen of nitrogen, 
containing about i % of argon, can be prepared in the laboratory 
by passing air through a solution of caustic potash to remove 
the carbon dioxide, through a U-tube of calcium chloride to 
remove moisture, and then over red-hot copper turnings in an 

iron tube to remove the oxygen. 

A purer specimen of nitrogen can be obtained by heating a 

solution of ammonium nitrite : 

NHjN02=N2 + 2H20. 

Ammonium nitrite is too unstable to be kept in the solid state, 
and even in solution gradually decomposes as above, so that it is 
usual to heat an equimolecular solution of ammonium chloride 
and sodium nitrite, which react to give ammonium nitrite : 

NH4CI + NaNOg =NH4N02 + NaCI, 
and thence nitrogen. 
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On the technical scale nitrogen is usually prepared by the 
fractional distillation of liquid air. 

Properties of nitrogen. Nitrogen is a colourless, odourless 
gas, which is condensed to a liquid at - 196® under atmospheric 
pressure. It is only sparingly soluble in water, 100 volumes of 
which dissolve 2 volumes of nitrogen at 8®, as compared with 4 
volumes of oxygen. 

Nitrogen is so inert chemically that at room temperature it is 
without action on any of the ordinary chemical reagents, such as 
oxygen, chlorine, metals, acids, alkalis, indicators, etc. However, 
it will unite with hydrogen to form ammonia, when the gases 
are heated together at 550® in the presence of a suitable catalyst 
(see opposite): 

N, + 5H2^2NH3; 

and with oxygen to form nitric oxide, when the gases are sparked; 

Ng + Oj^zNO. 

When heated it will also combine with some metals, e.g. when 
magnesium is burnt in air, the resulting oxide contains traces 
of the nitride: 

3Mg + N2=Mg3N2. 

AMMONIA 

Preparation of ammonia, NH3. (i) From ammonium salts. 
Ammonia is usually prepared in the laboratory by heating an 
intimate mixture of ammonium chloride (Sal Ammoniac) and 
dry slaked lime, as described in Expt. 48, p. 324: 

2NH4C1 +a(OH)2=2NH3+acia+2H2O. 

The gas is dried by quicklime, CaO, because it interacts with 
sulphuric acid, phosphorus pentoxide and calcium chloride; and 
it is collected by the downward displacement of air, or over 
mercury. 
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(ii) Frow gas liquor. Many tons of ammonia arc obtained as a 
by-product in the manufacture of coal gas (p. 226). The am¬ 
monia is washed out of the crude coal gas to give an ammoniacal 
liquor, which is then distilled with a little lime to decompose any 
ammonium salts which may be present, as well as to hold back 
acid impurities. The ammonia which is thus expelled is usually 
absorbed in sulphuric acid to give ammonium sulphate, an 
important fertiliser: 

iFiH^ + U,SO,=(NH,)SO,. 


(iii) Frou/ nitrogen and hydrogen. Very large quantities of am¬ 
monia are manufactured by Haber’s process, which consists in 
passing a mixture of nitrogen and hydrogen, heated to 550° and 
under a pressure of 200 atmospheres, over an iron catalyst. 

N2 + 3H2 ^ 2NH3 -f 24,000 calories. 

Under these conditions about 12% of the mixture is converted 
into ammonia, which can be condensed by cooling and thus 
separated from the unchanged nitrogen and hydrogen, which 
are then heated up and returned to the converter. 

The appropriate mixture of nitrogen and hydrogen is obtained 
by passing steam and air over red-hot coke, when the oxygen in 
the steam and air is converted into carbon dioxide, which can be 
removed by washing with water under pressure, thereby leaving 

nitrogen and hydrogen. 


The theoretical principles underlying Haber’s process ate m the 
main similar to those which have been dkcussed under Deacon s pro¬ 
cess for the manufacture of chlorine, and the Contact process for the 

manufacture of sulphuric acid. Thus - . _^ 

(a) The combination of nitrogen and hydrogen is reversib e. and as 

it takes place with the liberation of much heat (la.ooo calories for 

the formation ofeach gram-molecule of ammonia), the reverse action 
becomes increasingly important as the temperature is raised. A tem- 
perrture has therefore to be chosen such that the combination is 

sufficiently rapid and the yield reasonable. 
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(N.B.—A rise in temperature of lo® increases the rate of combin¬ 
ation by over ioo%.) 

{b) A catalyst is used to shorten the time required for the equili¬ 
brium to be reached, but it does not, of course, affect the position of 
the equilibrium. 

(^) It is a universal rule that high pressures drive a reversible re¬ 
action in the direction in which a contraction in volume occurs. Since 
one volume of nitrogen combines with three volumes of hydrogen to 
give two volumes of ammonia, 

N2 + 5H2 = 2NH3 
I voL 5 vols. 1 vols. 

it follows that the yield of ammonia must be increased by raising the 
pressure. Hence Haber’s process usually employs a pressure of 200 
atmospheres—higher pressures have been used, but arc not particu¬ 
larly popular because of the danger of an cxplosionl Table j serves 
to show in a convincing manner the effect of both pressure and tem¬ 
perature on the % yield of ammonia. 


Table 5. Combination of Nitrogen and Hydrogen 


Tempera¬ 

ture 

Equilibrium percentage of ammonia at 

I atm. 

50 atm. 

!oo atm. 

200 atm. 

4 JO® 

0*24 

95 

i6’2 

25*3 

500® 

0-15 

57 

10*4 

17*6 

550 ® 

o*o8 

57 

6*9 

12*0 

600® 

0'05 

1 

2-3 

4*5 

8*2 


Properties of ammonia. Ammonia is a colourless pungent¬ 
smelling gas, which condenses to a colourless liquid at - 35® under 
atmospheric pressure. It is the most soluble of all gases, one 
volume of water dissolving no less than 1300 volumes of it at o® 
to give a 50% solution; the strong solution used in the labora¬ 
tory is called “ eight-eighty ” ammonia from its specific gravity 
(0.880), and contains 35% by weight of the gas. 

The chemical properties of ammonia are described in the 
following paragraphs. 
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Basic properties of ammonia. The most important pro¬ 
perty of ammonia is the power which it possesses of combining 
with acids to form ammonium salts in which the ammonium 
radical, plays the part of a univalent metal. Thus am¬ 

monia unites with hydrochloric acid to form ammonium chloride : 

NH3 + HCUNH,C 1 , 

and with sulphuric acid to form ammonium sulphate : 

iNH^ + HSO, = (NH,)^SO,. 

Since water is not set free in these neutralisations, ammonia is 
described as a basic anhydride ; a name which is also justified by 
the fact that the gas dissolves in water to form ammonium 


hydroxide. 


NH3 + H,p=NH40H, 


which has the properties of an alkali. Thus an aqueous solution 
of ammonia, i.e. ammonium hydroxide, is alkaline to litmus and 
will precipitate many metal hydroxides from solutions of their 
salts, e.g. it reacts with a solution of copper sulphate to give 
ammonium sulphate and a blue precipitate of copper hydroxide . 


CuSO.j + 2NH4OH =Cu(OH)2 + (NH4)2S04, 


compare : CuSO^ + 2NaOH =Cu(OH)2-HNa2SO^. 

Ammonia, however, is only partly hydrated in solution, so that 
aqueous ammonia differs from sodium hydroxide in some of its 
properties, e.g. if an excess of ammonia is added to a solution of 
copper sulphate, the copper hydroxide which is first precipitated 
redissolves to give a deep blue solution of cuprammonium 
hydroxide. Cu(NH:,UOH)^, whilst caustic soda is without action 

on copper hydroxide. 

Combination with calcium chloride. In addition to com¬ 
bining with acids and water, ammonia is remarkable for combin¬ 
ing directly with many metallic salts. Thus it unites with calcium 
chloride to form the compound, CaClg.SNHa, and hence has to 
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be dried by quicklime. CaO. because its basic properties rule out 
the use of sulphuric acid or phosphorus pentoxide. 

Oxidation of ammonia. Ammonia does not support com¬ 
bustion and does not burn in air, but it burns in oxygen with a 
yellow flame giving nitrogen and water: 

4NH3 + 302 = 2N2 + 6H20. 

The same oxidation also occurs when the gas is passed over 
heated copper oxide, and the latter is reduced to copper : 

3CuO + 2NH3 = 3CU +N2 + 3H2O. 

If, however, an appropriate mixture of air and ammonia is 
passed over platinum gauze heated to 700°, the ammonia is 
oxidised to nitric acid : 

NH3 + 202=HN03 + H20, 

and this action is now used for the manufacture of nitric add. 

Reaction of ammonia with chlorine. Ammonia reacts with 
chlorine to form nitrogen and ammonium chloride : 

8NH3 + 3Cl3=N2 + 6NHA 

unless the chlorine is in excess, when nitrogen trichloride, NCI3, 
and hydrochloric acid are formed : 

NH3 + 3a2=NCl3 + 3Ha 

Detection of ammonia. Ammonia can be detected by the 
reddish-brown colour or precipitate which it gives with Nessler’s 
solution ; the test is said to be capable of detecting one part of 
ammonia in a million parts of air. A less sensitive test, but good 
enough for most purposes, is to add hydrogen chloride gas, 
which reacts with gaseous ammonia to give white fumes of 
ammonium chloride. 

Formula of ammonia. Ammonia can be prepared by the 
combination of hydrogen and nitrogen, so that its molecular 
formula must be: 
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where x ntxdjy are simple whole numbers. Its relative vapour den¬ 
sity is 8-5, hence its molecular weight is about 17. Since the 
nitrogen atom weighs 14 units it is clear that x is unity and that 
j is probably equal to three, i.e. the formula is probably 
this is confirmed by the volumetric composition of the gas, viz. : 

I vol. nitrogen + 3 vols. hydrogen = 2 vols. ammonia. 

Hence by Avogadro’s law : 

n mols. nitrogen 4- 3^ mols. hydrogen = in mols. ammonia. 
Dividing through by n : 

I mol. nitrogen -i- 3 mols. hydrogen ( 

= 2 mols. ammonia. 

But both nitrogen and hydrogen are diatomic, 
hence: yo\ume 

N2 + 3H2 = 2 mols. ammonia = 2NH3; Hiuogtn 

*. the molecular formula for ammonia is 
NH3. 

The fact that ammonia is formed by the 
union of three volumes of hydrogen with 
one of nitrogen can be established by Hof¬ 
mann’s method, which is as follows : 

A glass tube, which is sealed at one end 
and about 90 cm. in length, is filled with 
chlorine by the upward displacement of air, 
and then fitted with a cork and tap funnel 
with a short stem (Fig. 65). Strong ammonia 
is placed in the funnel and gradually added fig. 63. Volumetric 

to the chlorine by cautiously turning the tap. 

When all the chlorine is used up, as is shown 
by the disappearance of the colour of the gas and the absence of 
further fumes on the addition of more ammoma, the remaining 
ammonia is poured out of the funnel and replaced by dilute sul- 
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phuric acid, which is then added to neutralise the excess of 
ammonia in the tube. Finally, water is placed in the funnel and 
the tap turned on until no more water runs into the tube, that 
is, the pressure inside and outside are practically identical (except 
for the small depth of water in the funnel). The tube should 
now be two-thirds full of liquid, thereby showing that the 
residual gas, namely nitrogen, occupies one-third of the original 
volume of chlorine (for comparison the tube is marked off into 
three equal parts by rubber bands). Since one volume of chlorine 
combines with one volume of hydrogen, it follows that, in 
ammonia, nitrogen must be combined with three times its own 
volume of hydrogen. 

Uses of ammonia. Very large quantities of ammonia are 
used for the manufacture of ammonium sulphate and nitric acid 
(p. 528); smaller quantities are used in the synthetic drug and 
dye industries, as well as for general household purposes. 

AMMONIUM SALTS 

Ammonium salts are similar in many respects to those of 
sodium and potassium, and hence the compound radical, NH|, 
appears to play the part of a metal. Thus the salts are colourless 
(unless the acid radical is coloured), and are isomorphous with, 
and similar in solubility to, the corresponding salts of sodium and 
potassium; but they differ in that they usually sublime easily 
and are decomposed by hot dilute alkalis, giving off ammonia, 

C-g* I 

NH^CUNaOH =NH3 -i-NaCl +Hfl. 

Ammonium chloride or Sal ammoniac, NH4CI, was first 
isolated by distilling camel’s dung. It is usually prepared in the 
laboratot)' by distilling an intimate mixture of common salt and 
ammonium sulphate, when ammonium chloride sublimes : 

(NH4) + aNaCl = zNH.Cl -f- Na2S04. 
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It can also be prepared by neutralising a solution of ammonia 
with hydrochloric acid and evaporating to crystallisation : 

NH3 + HCUNH4CI. 

The white fumes of ammonium chloride, which are produced 
when ammonia and hydrogen chloride are mixed, serve as a 
test for either of these gases. 

Ammonium chloride, in common with many other ammonium 
salts, sublimes readily to give a vapour which consists principally 
of free ammonia and hydrogen chloride, as can be shown by 
means of Expt. 49 h, (p. 326). This decomposition is described 
as a dissociation because it is reversible, that is. on cooling, the 
hydrogen chloride and ammonia reunite to form ammomum 


chloride : 


NH.Cl^NHj + HCl. 


^Ammonium sulphate, (NHJ^SO,, can be prepared in the 
laboratory and on an industrial scale by neutralising a solution 
of ammonia with dilute sulphuric acid, and evaporating to 


crystallisation : 


2NH3 + H2SO4 =(NH4)2S04. 


On heating it does not sublime, but breaks down into ammoma 
and sulphuric acid ; the former passes off as a gas leaving sul¬ 
phuric acid, which can be boiled off by raising the temperature. 
Very large quantities of ammonium sulphate are used as an 
artificial fertiliser, though it is being replaced by nitro-chalk (p. 


3 34) as it makes soils acidic. 

^nmonium nitrate. NH4NO3. can be prepared by neutralis¬ 
ing ammonia with nitric acid : 

NH3 + HN03=NH4N03. 

It is chiefiy of interest because it decomposes into nitrous o^de 
and water when heated to about 220°, and can thus be used to 

prepare nitrous oxide in the laboratory : 

NH4N03=N20 + 2H20. 
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Ammonium carbonate, or Sal volatile, (NH4)2C03, is pre¬ 
pared by subliming an intimate mixture of chalk and ammonium 
sulphate : 

(NH + CaC03 =(HH,\CO, + CaSO,. 

It is used as a constituent of smelling salts. 

HISTORICAL NOTES 

Ammonium chloride has been known for many centuries under the 
name of Sal ammoniac ; it was originally prepared by heating camel’s 
dung. Ammonium carbonate or Sal volatile, (NHJgCOg, was 
obtained as a white sublimate by heating ammonium chloride with 
soda or potash: 

2NH4CI + K2CO3 = (NHJjCOa + 2KCI. 

In alchemical times a solution of ammonia was obtained either by 
heating ammonium chloride with slaked lime in a retort, or by dis¬ 
tilling horn, hence its old name, Spirit of Hartshorn. Black showed 
that ammonium carbonate and a solution of ammonia bore the same 
relationship to one another as did the mild and caustic alkalis (see 
p. 210). The gas, ammonia, was first isolated in 1774 by Priestley, 
who collected it over mercury and showed that it is only a little less 
soluble (by weight) than hydrogen chloride. Eleven years later (1785) 
Berthollet proved that the gas was a compound of hydrogen and 
nitrogen by showing that: 

(a) nitrogen was obtained when ammonia was treated with 
chlorine; 

(h) water was formed when ammonium nitrate was heated. 

In another set of experiments he established the volumetric com¬ 
position of ammonia: a measured volume of the gas was decomposed 
into its elements by sparking, and then the volume of hydrogen in the 
product estimated by sparking with oxygen. 

EXPERIMENTS 

Expt. 48. To prepare ammonia and examine its properties. 

Heat an intimate mixture of one part of ammonium chloride and 
two parts of dry slaked lime (the addition of a little quicklime is 
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advantageous as it absorbs some of the moisture that is liberated in 
the reaction) in a boiling tube, which is fitted with a cork and delivery 
tube leading to a tower packed wirh lumps of quicklime, as depicted 
in Fig. 64. Collect three gas-jars, a, b, c, of ammoma by the 



downward displacement of air; also one flask full for carrying out 
the fountain experiment, as in Expt. 37. p. 26^, but with red litmus 

solution in the reservoir. Test the gas-jars as follows : 

(a) Note the colour and smell of the gas; also its action on wet 
litmus paper, and a glass rod moistened with Nessler’s solution. 
lb) Apply a lighted taper and splint to the gas. 

(c) Place the jar mouth to mouth with a ,ar of hydrogen chloride 

gas; what happens? 

Expt. 49. The properties of ammonium salts. 

(d) Compare the effect of heating (1) ammonium sulphate and (11) 
ammonium chloride in test-tubes. What happens when a glass rod 
moistened with Kessler's solution, is held in the vapour issumg out of 

the test-tubes? 
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(b) Repeat (a) (ii), but wedge pieces of blue and red litmus paper 
in the test-tube with a plug of asbestos wool as in Fig. 65. Note 

carefhlly the changes that occur in the colour of 
the litmus papers, and try to interpret your 
observations. 

(f) Repeat (a), but with the addition of a 
solution of caustic soda. Identify the gas which 
is evolved, and test the liquids for sulphate 
(BaCl^ + dU HCI) and chloride (AgNOg+di! 
HNO3) respectively. 

QUESTIONS ON CHAPTER XXIV 

F1C.65. Dissociation of , 1 t • 1 r ^ v 

ammonium chloride. I* How may nitrogen be obtained from (a) 

the air, (b) ammonia, (r) nitrous oxide? 

In what respects does the gas obtained from (a) agree with and 
differ from the gas obtained from (b) and (r)? 

Explain the presence of nitric acid in the rain during a thunder¬ 
storm. (C.W.B.S.C.) 

2. Describe the preparation and properties of dry ammonia. 

What is the action of heat upon {a) ammonium nitrate, (b) am¬ 
monium chloride? (O. and C.S.C.) 

3. How would you show {a) that ammonia gas is a compound of 

nitrogen and hydrogen, {b) the proportions by volume of its con¬ 
stituent gases? (C.S.C) 

4. Explain carefully how you would establish the molecular formula 
of ammonia. 

What is the action of ammonia on {a) calcium chloride, {b) a solution 
of copper sulphate, (r) hydrogen chloride gas, (d) heated copper oxide? 

5. How would you prepare a strong solution of ammonia in water? 
Describe how you would prepare crystals of ammonium nitrate from 
the solution, and give a brief account of the properties of this salt. 

(O.S.C.) 

6. How would you prepare a crystalline specimen of ammonium 
sulphate from your bench reagents? 

Describe how (a) nitrogen, {b) ammonium chloride, may be ob¬ 
tained, starting from ammonium sulphate. (O. and CS.C) 
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NITRIC ACID, THE NITROGEN CYCLE AND OXIDES 

OF NITROGEN 

NITRIC ACID 

Preparation of nitric acid from nitrates. Nitric acid is 
usually prepared in the laboratory by distilling equal weights 
of potassium nitrate and concentrated sulphuric acid in a glass 
retort fitted with a glass stopper, since cork is rapidly attacked 
by nitric acid vapour. The distillate contains about 95% of 
nitric acid and is collected in a water-cooled receiver (Fig. 66). 



Fig. 66. Preparation of nitric acid. 


The action which takes place may be represented by the equation : 

KNO3 + H3SO4 = KHSO4 + HNO3. 

5»7 
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Theoretically it should be possible to obtain a further supply of 
nitric acid by the action of potassium hydrogen sulphate, KHSO4, 
on potassium nitrate : 

KNO3 + KHSOj = K2S04 + HNO3, 
but the temperature required for this interaction is so high that 
much of the nitric acid would be decomposed into oxides of 
nitrogen (NOj, etc.), and the retort would almost certainly be 
cracked, so that the second stage is never carried out. The above 
displacement of nitric acid from its salt is due to the fact that its 
boiling point of 89° is much lower than that of sulphuric acid, 
550°. Actually nitric acid is a stronger acid than sulphuric add, 
with the result that in the cold the interaction 

KNO3 + H,SO, ^ KHSO4 + HNO3 
only takes place to about 40% J beating, however, causes the 
vaporisation of the nitric acid, so that it is removed from the 
field of action and the equilibrium passes to the right. 

In the manufacture of nitric acid, Chile saltpetre, NaNOg, is 
used in the place of potassium nitrate because it is very much 

cheaper : 

NaNOg + H2SO4 = NaHSO^ + HNO3. 

The distillation is carried out in a cast-iron pot, and the nitric 
acid is condensed in air-cooled and water-cooled silica pipes. 
The residue left in the retort consists largely of sodium hydrogen 
sulphate, and is run out of the retort in the molfen state. 

Preparation of nitric acid from ammonia. The above 
method of manufacturing nitric add has declined considerably 
in importance now that the add is made on a very large scale 
by the catalytic oxidation of ammonia : 

NH3 + 202 =HN 03 + H20. 

A mixture of one volume of ammonia with eleven volumes of air is 
passed over a platinum gauze catalyst heated to about 700®. Under 
these conditions the ammonia is oxidised to nitric oxide, NO, which 
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passes to water absorption towers, where the surplus atmospheric 
oxygen and water convert it into nitric acid. The oxidation of am¬ 
monia to nitric acid therefore takes place in stages, but for simplicity 
it has been represented above by a single equation. 

Physical properties of nitric acid. Pure nitric acid is a 
colourless liquid, but it rapidly turns yellow as it is unstable and 
decomposes partially into water and oxides of nitrogen. The 
ordinary concentrated acid, which is used in the laboratory, 
contains 68 % of the acid and has a specific gravity of 1-414 at 
I fC . Fuming tiitric add of 98% strength is obtained by distilling 
the ordinary concentrated acid with sulphuric acid, since the 
68 % acid has a constant boiling point and cannot therefore be 

concentrated by distillation alone. 

Acid properties of nitric acid. Nitric acid is one of the 
strongest acids known, and apart from the fact that it is also a 
very powerful oxidising agent, it exhibits many of the usual 
properties of an acid. Thus it turns blue litmus red, reacts with 
bases to form salts called nitrates, 

NaOH + HNO3=NaN03 + H^O, 
and liberates carbon dioxide from carbonates, e.g. 

CaCOa + 2HNO3 = Ca(N03)2 + CO, + H^O. 

A very dilute solution of the acid interacts with magnesium to 
give magnesium nitrate and hydrogen ’. 

Mg + 2HNO3 = Mg(N03)2 + H2, 

but it does not give hydrogen with other metals, as it is too 
powerful an oxidising agent. 

Decomposition of nitric acid. When concentrated nitric 
acid is heated it decomposes into nitrogen peroxide, NO^, 
oxygen and water, as represented by the equation : 

4HNO3 = 02 + 4NO2 + 2H2O. 

The yellow colour of fuming nitric acid, and of the acid prepared 
in the laboratory from potassium nitrate, is due to the presence 
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of nitrogen peroxide formed as a result of the above decom¬ 
position. The formation of oxygen as a decomposition product 
may be easily shown by allowing nitric acid to drip slowly 
through a red-hot “churchwarden’s pipe”, the mouth end of 
which is immersed under an inverted boiling tube in a trough of 
water (Fig. 67). The gas which collects in the tube is shown to 



Fig. 67. Decomposition of nitric acid by beat. 


Oxidising properties of nitric acid. The ease with which 
nitric acid breaks down into oxygen, etc., accounts for the fact 
that it is a very powerful oxidising agent, especially when con¬ 
centrated and hot. Thus the hot concentrated acid oxidises 
sulphur to sulphuric acid : 

2HNO3 + S =H2S04 + 2NO (nitric oxide), 
and hydrochloric acid to chlorine and nitrosyl chloride : 

5Ha -h HNO3=013 -t-NOCl + 2H2O. 

For this reason a mixture of three parts of concentrated hydro¬ 
chloric acid and one part of concentrated nitric acid is a very 
powerful chemical reagent, and is called aqua regia because it 
even dissolves gold, the King of metals. 

Cold, fairly concentrated, nitric acid, or the hot dilute acid, 
oxidises hydrogen sulphide to sulphur : 

5H2S -|- 2 HN 03 = 3S -haNO +4HA 
and ferrous salts to ferric salts, e.g.: 

6FeS04 + 2HNO3 + 3H2SO4 = + 2NO + 4 H A 
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Action of nitric acid on metals. Since nitric acid is an 
oxidising agent as well as an acid» it is able to dissolve metals 
such as mercury, lead, copper and silver, which are insoluble in 
ordinary dilute acids ; it is, however, without action on gold 
and platinum, although these metals can be dissolved in aqua 
regia. As we have mentioned already, metals do not liberate 
hydrogen from nitric acid, with the exception of magnesium, and 
then the acid must be very dilute. This behaviour is accounted 
for by supposing that the nascent hydrogen, which is normally 
liberated by the action of a metal on an acid, is oxidised immedi¬ 
ately to water by nitric acid. The nature of the reduction pro¬ 
ducts which are formed from the nitric acid depend not only on 
the metal, but also on the temperature and concentration of the 
acid. Furthermore, it usually happens that more than one type 
of reduction is taking place, so that it is often impossible to 
represent the interaction by a single equation. For this reason 
the following equations must be regarded as representing the 
main reaction. 

(i) Dilute nitric acid attacks iron, tin and zinc to give the 
nitrate of the metal, ammonium nitrate and nitrous oxide, e.g. : 

4M -f 10HNO3 =4M(N03)2 -f/NjO + iH 20\ -I-3HA 

'^NH,N 03 / 

where M =Fe, Sn or Zn. 

The brackets indicate that the relative proportion of nitrous 
oxide to ammonium nitrate is variable, depending in part on the 
metal, the temperature and the dilution of the acid. 

(ii) Dilute nitric acid attacks copper and lead to give a nitrate, 
and nitric oxide is the principal gaseous product, e.g. . 

5CU -F 8HNO3 = 3 Cu(N 03)2 + 2NO + 4H2O. 

(iii) Cold concentrated nitric acid interacts violently with 
copper to give copper nitrate and nitrogen peroxide ; 

Cu -I-4HN03 =Cu(N03)2 + 2NO2 4 -zHA 
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(iv) When iron is dipped into concentrated nitric acid a sUght 
action is just observable, but this quickly ceases and the iron 
becomes passive. Passive iron is remarkable in that it will not 
rust or displace copper from copper sulphate until its surface has 
been rubbed or scratched ; for this reason it is thought that the 
nitric acid coats the iron with a resistant film of oxide, which 

protects the metal from further attack. 

Uses of nitric acid. Very large quantities of nitric acid are 

used in the manufacture of synthetic dyes such as indigo ; m the 
production of explosives such as ammonium nitrate, “ mtro- 
plvcerine ” and T.N.T. (trinitrotoluene); and in the preparation 
of artificial fertilisers such as nitro-chalk (p. 534)- It/s also used 
for cleaning the surface of metals before electro-plating, and for 
a wide variety of other purposes. In the laboratory its chief use 

is as an oxidising agent. 

NITRATES 

Occurrence, preparation and uses of nitrates, (a) So^um 
nitrate or Chile saltpetre. Immense deposits of sodium nitrate 
occur in the rainless desert regions of Chile. The caliche, as the 
crude nitrate-bearing rock is called, occurs near the surface and 
is loosened by dynamiting; it is then dug out, crushed ^d 
digested with boiling water to dissolve the soluble nitrate. The 
insoluble impurities are allowed to settle and the liquor is then 
run into large pans and evaporated by the heat of the sun to give 

crystals of sodium nitrate. 

The export of Chilean nitrate began in 1830 and increased to 
such an extent that by 1910 production had risen to million 
tons per annum, at which figure it has remained more or less to 
the present day. The greater proportion of this vast quantity of 
nitrate is used as a fertiliser, but a not inconsiderable amount is 
used for the manufacture of nitric acid and potassium nitrate (see 
opposite). The reason why the production of Chilean nitrate has 
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not increased in recent years is because of the manufacture of 
synthetic nitric acid (p. 328) and artificial fertilisers, such as 

ammonium sulphate and nitro-chalk. 

(b) Potassium nitrate, nitre or saltpetre, KNO3, is obtained to 
a limited extent from natural sources, but by far the greater 
proportion is manufactured by the double decomposition of 
potassium chloride and sodium nitrate : 

KCl + NaNOg = KNO3 + NaCl. 

Since all the salts in the above equation are quite soluble in 
water use is made of the fact that sodium chloride is the least 
soluble in hot water, whilst potassium nitrate is the least soluble 
in cold water. A hot saturated solution of sodium nitrate is 
therefore mixed with an equi-molecular quantity of potassium 
chloride, and the Hquor concentrated until it has a specific gravity 
of I - 5 Under these conditions a large proportion of the sodium 
crystalUses out as sodium chloride, leaving a strong solution of 
potassium nitrate. On cooling, the solution deposits nearly pure 
potassium nitrate, because this salt is less soluble in cold water 
than any of the other salts; when required in a pure condition 
the product is recrystallised from hot water. Potassium nitrate 
is used in the manufacture of fireworks and gunpowder. 

(0 Ammonium nitrate, NH,N03, is prepared by neutraUsing 

ammonia and nitric acid ; 

NH3 + HN03 = NH,N03, 

an operation wHch is effected in induswy by the ^complete 
catalytic oxidation of ammonia gas to nitric acid. This salt is 
used as a constituent of certain explosives and for the preparation 

of nitrous oxide, N2O (p. 338). 

{d) Calcium nitrate. Ca(N03)., can be prepared by the action 
of nitric acid on limestone or chalk . 

CaCOg + 2HNO3 = Ca(N03)2 + CO2 + H2O. 
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Since this salt is deliquescent, a basic salt called nitro-chalk is 

manufactured for use as a fertiliser. 

{e) Lead nitrate. Pb(N03)2, and other nitrates can be prepared 
by the usual methods for making salts (p. 129, note that three of 
the methods, viz. neutralisation, action of acid on carbonate and 
double decomposition have been used above), but the most 
suitable method is usually to act on the metal oxide or carbonate 
with moderately dilute nitric acid, e.g.: 

PbO + 2HNO3 = Pb(N03)2 + HjO. 

Properties of nitrates. Nitrates arc colourless crystalline 
solids, unless the metallic radical is coloured, e.g. the nitrates of 
sodium, potassium, calcium, magnesium, zinc and mercury are 
colourless, but copper nitrate is blue. They are soluble in 
water, and those of sodium and calcium are so soluble that they 
deliquesce in ordinary air. 

When nitrates are heated they decompose as follows: 

(i) Sodium and potassium nitrates yield a nitrite and oxygen ; 

2NaN03 = 05 + 2NaN02 (sodium nitrite), 

2KNO3 =02 + 2KNO2 (potassium nitrite). 

(ii) Ammonium nitrate breaks down into nitrous oxide, NjO, 
and water : 

NH 4 N 03 =N 20 + 2H20. 

(iii) All other nitrates decompose into the oxide, nitrogen 
peroxide and oxygen, e.g. : 

2Pb(N03)2 = 2PbO + 4NO2 + O2, 

but the oxides of silver and mercury are unstable and decompose 
to the metal if they are heated sufficiently : 

2Hg(N03)2 = 2HgO 4 - 4NO2 + O2, 

2Hg0 = 2Hg + 02. 

The ready decomposition of a heavy metal nitrate into its oxide 
is often made use of in the preparation of the latter; for the same 
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reason nitrates are powerful oxidising agents, e.g. a piece of 
charcoal burns vigorously when dropped into fused potassium 
nitrate. 

When nitrates are heated with concentrated sulphuric acid 
nitric acid is expelled, as it is much more volatile than sulphuric 
acid, and this behaviour is utilised, as already indicated (p. 328), 
for its manufacture from sodium nitrate : 

NaNOg + H^SO^ =NaHSO, + HNO3. 

Nitrates are recognised by their behaviour on heating, by the 
liberation of nitric oxide, NO, when they are heated with copper 
turnings and dilute sulphuric acid (Expt. 53), and by the Brown 
Ring test. The latter consists in dissolving a small cr>'stal of the 
suspected nitrate in a solution of ferrous sulphate in a test-tube ; 
on pouring concentrated sulphuric acid down the side of the 
tube a dark brown ring develops at the juncture of the concen¬ 
trated acid and ferrous sulphate solution. The sulphuric acid 
liberates nitric acid, which is reduced by the ferrous sulphate to 
nitric oxide : 

6FeSO^ + 3H2SO., + 2HNO3 = + 2NO 4HA 

and the latter then combines with unchanged ferrous sulphate to 
form nitroso-ferrous sulphate. FeSO^.NO, which is responsible 
for the dark brown ring. 

Gunpowder. Gunpowder is an intimate mixture of 2 parts 
of charcoal, 3 parts of sulphur and 15 parts of potassium nitrate ; 
sodium nitrate, which is much cheaper than potassium nitrate, 
cannot be used because it is deliquescent in air and makes the 
powder go damp. The Chinese are reputed to have used a 
similar mixture to the above for the production of fireworks as 
early as 1150A.D. ; but the evidence for this is unconvincing. 
The invention of gunpowder in Europe is popularly attributed 
to Roger Bacon (1214-1292), and its preparation is described 
in Liber Ignium, a treatise which was written in the eighth century 


M 
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by a By2antine, Marcus Graecus, but the recipe is included only 
in the latest edition of the text, about 1300. Gunpowder was 
first used in warfare by the English at the battle of Crecy in 
1546 ; but for military purposes and for the blasting of rock it 
has been superseded by guncotton, nitroglycerine, etc. 

The propellent power of gunpowder is due to the fact that 
when it is struck a sharp blow, the nitre oxidises the sulphur and 
charcoal to give a relatively large volume of gas, consisting prin¬ 
cipally of carbon dioxide and nitrogen. The smoke is due to 
solid particles of carbonate, sulphate and sulphide of potassium. 

THE NITROGEN CYCLE 

Nitrogen is an essential constituent of vegetable and animal 
tissues. A few leguminous plants, such as peas, beans and clover, 
can utilise atmospheric nitrogen, but the majority of plants can 
only assimilate nitrogen when it is present in the soil as a soluble 
compound, such as a nitrate or ammonium salt, whilst animals 
can only assimilate nitrogen by eating the complex nitrogenous 
compounds, mainly proteins, in vegetable or animal matter. 

When a plant dies most of the organic nitrogen is liberated as 
ammonia by the bacteria which produce decay ; in this form it 
is returned to the soil, where nitrifying bacteria oxidise it 
back to nitrates for use over again. Similarly, in primeval times, 
the organic nitrogen consumed by animals was returned to the 
soil, either by excretion or by the eventual death and decay of 
the animal. 

A proportion of the nitrates in the soil are lost by the action of 
denitrifying bacteria, which assimilate the oxygen and set free 
nitrogen. This loss, however, is more than counterbalanced by 
the “ fixing ” of atmospheric nitrogen (as nitrate) by certain bac¬ 
teria in the soil and by the nitric acid which is formed by electrical 
disturbances in the air and brought down to the earth by rain. 
In primeval times there was, therefore, a slowaccumulation of fixed 
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nitrogen for vegetable and animal life ; but, in modern times, the 
wholesale removal of crops from fields and the discharge of 
sewage into the sea have led to a reversal of this trend, and the 
loss of nitrogen from the soil has to be made good by the 
addition of Chile saltpetre, NaNOg, nitro-chalk or ammonium 
sulphate. The last two of these fertilisers are prepared from 
ammonia, which is obtained either by means of Haber’s process, 
p. 517, or as a by-product of the distillation of coal, which 
contains part of the organic nitrogen of primeval forests. The 
loss of nitrogen is also mitigated by having a rotation of crops ; 
for example, corn, which depletes the soil of nitrogen, is often 
followed by clover, which replenishes it with the aid of the 
bacteria in its roots. 

The addition and removal of fixed nitrogen to and from the 
soil is represented diagrammatically in Fig. 68, which shows 
both the natural and artificial processes which are now at work. 


ATMOSPHERIC NITROGEN 



Fig. 68 . The nitrogen cycle. 
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THE OXIDES OF NITROGEN 

Earlier in this chapter we discussed the preparation and pro¬ 
perties of nitric acid, which is derived from the acidic oxide, 

nitrogen pentoxide or nitric anhydride, - 

NA + HaO^iHNOa. 

This oxide is, however, very unstable, and as it is seldom met 
with in the laboratory, we shall confine our discussions to the 

following three oxides: 

Nitrous Oxide, NjO. 

Nitric Oxide, NO. 

Nitrogen Peroxide, NO^. 

preparation of nitrous oxide, N, 0 . Nitrous oxide is usually 
prepared in the laboratory by heating ammonium mtrate cauti¬ 
ously In a boiUng tube (Expt. 50. Fig. 7°. P- 347 ). when the 
following decomposition takes place : 

NH,N03=NP + 2H20. 

The gas has to be collected over hot water because it is appreciably 
soluble in cold water, though, as it is denser than air, it could be 
collected by the upward displacement of air. The principal 
impurities in the gas are nitrogen, nitric oxide and moisture. 
The nitric oxide can be removed by passing the gas through a 
wash bottle containing ferrous sulphate (see p. 341). and the 
moisture by drying with calcium chloride or sulphuric acid. The 
nitrogen cannot be removed by chemical means, but its presence 
does not usually matter because it is chemically inert. 

Properties of nitrous oxide. Nitrous oxide is a colourless 
gas, which has a faint but pleasant smeU. It dissolves in an equal 
volume of water at 6° to give a neutral solution, and is therefore 
devoid of acidic or basic properties. 
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Nitrous oxide decomposes into its elements rapidly above 600®, 
giving a mixture which is half as rich again in oxygen as air : 

2 vols. 2 vols. 1 voj. 

it therefore resembles oxygen in its power to support combustion, 
and will even relight a glowing splinter of wood, since the latter 
is sufficiently hot to decompose the gas. It differs from oxygen, 
however, in the following respects : 

(i) Its density of 22 is greater than that of oxygen, 16. 

(ii) It is much more soluble in cold water. 

(iii) It has a faint smell. 

(iv) Unlike oxygen it is not absorbed by an alkaline solution of 
pyrogallol. 

(v) It does not give brown fumes of nitrogen peroxide when 
mixed with nitric oxide, whilst ox)'gen does: 

2N0 + 02 = 2N02. 

(vi) Its volume remains unchanged when phosphorus burns 
in it, because an equal volume of nitrogen is left: 

5N20 + 2P = P205+5N2. 

A mixture of nitrous oxide (95%) and oxygen (5%) is used as 
an anaesthetic by dentists, and since small doses of the gas have 
a very exhilarating effect (see p. 345). it is often described as 
Laughing gas. 

Formula of nitrous oxide. Copper oxide and nitrogen and 
nothing else are formed when nitrous oxide is passed over heated 
copper turnings ; it is therefore clear that the gas is an oxide of 
nitrogen, viz. N,Oy. 

The formula of the gas is established by the fact that when 
two volumes of nitrous oxide are exploded in a eudiometer (Fig. 
23, p. 15 6) with electrolytic gas (2 vols. hydrogen +1 vol. oxygen), 
the heat of the explosion of the hydrogen-oxygen mixture de¬ 
composes the nitrous oxide and three volumes of product are 
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produced, one of which can be shown to be oxygen by adding 
hydtogen and sparking. Hence : 

2 vols. nitrogen +1 vol. oxygen = 2 vols. nitrous oxide. 


By Avogadro’s law: 

2 mols. nitrogen +1 mol oxygen = 2 mols. nitrous oxide. 

/. 2N2 + O2 = 2 mols. nitrous oxide = 2N2O. 

The molecule, N2O, has a molecular weight of 44 = 

0 = 16), in harmony with the observed vapour density of the 


f-Prlparadon of nitric oxide, NO. Nitric oxide is usually 
prepared in the laboratory by the action of cold, fairly concen¬ 
trated nitric acid (i vol. water to i vol. concentrated acid) on 
copper turnings in a flask fitted up as in Fig. 68 a. 

3CU + 8HNO5 = 5 Cu(N 03)2 + 2NO + 4H2O. 



Fig. 68a. Preparation of Nitric Oxide. 


It is collected over cold water, as this dissolves out the nitrogen 
peroxide, NOg, which is mainly produced by the interaction of 
the nitric oxide with the air in the apparatus: 

2N0 + 02 = 2N02. 
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A purer specimen of nitric oxide is obtained by absorbing the 
crude gas in a cold concentrated solution of ferrous sulphate : 

FeS04 + NO ^ FeSOj. NO, nitroso-ferrous sulphate. 

\X'hen this product is heated, pure nitric oxide is evolved and this 
can be dried by sulphuric acid and collected over mercury. 

Properties of nitric oxide. Nitric oxide is a colourless gas 
which liquefies at - 150°. It is only sparingly soluble in water, and 
also differs from nitrous oxide in that it is stable up to nearly 
1000°, and therefore does not readily support combustion. Thus 
a burning taper and burning sulphur are extinguished by the gas, 
because their temperatures are not high enough to decompose it 
into nitrogen and oxygen. However, vigorously burning phos¬ 
phorus and magnesium burn more brightly in it than they do in 
air, because they are able to decompose the gas into its ele¬ 
ments and thus to provide a mixture which contains ^0% of 
oxygen. 

The most distinctive property of nitric oxide is its power to 
form addition compounds with other substances ; for example, 
it unites immediately with oxygen to form brown fumes of 
nitrogen peroxide: 

2N0 + 02 = 2N02; 

and with a solution of ferrous sulphate to form nitroso-ferrous 
sulphate, FeS04. NO, which has a blackish-brown colour. 

Finally, nitric oxide, like nitrous oxide, is a neutral oxide, 
because it is without action on indicators, acids or alkalis. 

Formula of nitric oxide. Nitric oxide can be prepared by 
the action of an electric arc on a mixture of oxygen and nitrogen, 
and is therefore composed of these two elements only. Its 
vapour density is 15, and hence its molecular weight is 30. Since 
an atom of oxygen weighs 16 units and an atom of nitrogen 
14 units, it is clear that the molecular formula must be 

NO(i4 + i6 = 5o). 
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This is confirmed by the fact that nitric oxide yields half its own 
volume of nitrogen when an iron wire is heated electrically m it. 


i.e. : 


one 


vol. nitric oxide + iron = iron oxide +1 vol. nitrogen, 


By Avogadro’s hypothesis; 

one mol. nitric oxide + iron 

N^Ov + iron 


iron oxide + ^ mol. nitrogen, 
iron oxide + JN ^; 


x = i. 

Preparation of nitrogen peroxide, NOj. Nitrogen peroxide 
is usually prepared in the laboratory by heating lead nitrate in a 

test-tube, _ 

zPKNOa)^ = 2PbO + 4NO2 + O2. 

The gases which are evolved are passed through a U-tube cooled 
in a bath of ice and salt (Fig. 69), to condense and thus separate 



Fig. 69 . Preparation of nitrogen peroxide. 


the nitrogen peroxide from the oxygen. The liquid which con¬ 
denses is pale yellow in colour, and consists almost entirely of 
dinitrogen tetroxide, N^O,. Nitrogen peroxide and dinitrogen 
tetroxide exist in equilibrium with one another at temperatures 
below 150®, 


2NO2 ^ N204 -I- 12,900 calories. 
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and since the formation of the tetroxidc takes place with the 
liberation of heat, it follows that the above equilibrium swings 
to the right as the temperature falls, and to the left when the 
temperature rises. The peroxide has a deep brown colour, 
whilst the tetroxide is colourless, so that it is easy to understand 
why the colour of the vapour fades as the temperature is reduced, 
and why the liquid is almost colourless. 

Properties of nitrogen peroxide. Nitrogen peroxide is a 
gas with a deep brown colour and pungent smell. It is very 
poisonous, as it attacks and destroys the membranes of the throat 
and lungs; for this reason it should always be prepared in a fume 

chamber. 

In spite of the fact that it does not support the combustion of 
a taper or wood spUnter, it is a very powerful oxidising agent. 
Thus it oxidises mercur>' to mercuric nitrate, even in the cold, 

Hg + 4NO2 = HgCNOj)^ + 2NO, 

and sulphur dioxide to sulphur trioxide, 

SOj+NOa^SOa+NO, 

a reaction which is utilised in the lead chamber process (p. 299) 

for manufacturing sulphuric acid. 

Nitrogen peroxide is described as a mixed acid anhydride because 

it dissolves in water to give a solution of nitric and nitrous acids, 

2NO., + H 2O = HNO3 + HNO2 
or N A + HjO =HN03 + HNOg, 

and reacts with dilute alkaUs to give a mixture of nitrate and 
nitrite, e.g.: 

2KOH + 2NO2=KN03 +KNO2 + HA 
Since nitrous acid is unstable, breaking down into nitric acid and 
nitric oxide, 


3HN02=HN03 + 2NO + H2O, 
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it follows that the ultimate action of water on nitrogen peroxide 
is to give nitric oxide and a solution of nitric acid, as represented 
by the equation: 

3 N02 + H^O = 2HNO3 + NO. 

HISTORICAL NOTES 

Nitric acid is described in the “ Works of Geber (1200 a.d.?), 
and was obtained by heating nitre, KNO3, with ferrous sulpl^te and 
alum ; the latter salts providing, of course, sulphuric acid, which then 
attacked the nitre. In the seventeenth century Glauber showed that 
nitric acid could be prepared more easily, and in a purer condition, by 
heating nitre with sulphuric acid. The acid was originally called 
Aqua Fortis because of the ease with which it dissolved even silver 
and copper, but in Boyle’s time the name “ acid spirit of nitre ” was 
generally used. The latter name was changed to Nitric Acid by 
Lavoisier in 1787. 

Nitric oxide, NO. The properties of this gas were first investi¬ 
gated in 1772 by Priestley, who prepared the gas by the action of nitric 
acid on copper and other metals—reactions which had been carried 
out at a much earlier date, without, however, any serious attempt 
being made to examine the gaseous products. Priesdey noted that 
nitric oxide (he called it nitrous air) was only sparingly soluble in water, 
but very soluble in a solution of ferrous sulphate, from which it could 
be expelled by heating. The reaction which interested him most of 
all was that with air, which gave reddish-brown fumes soluble in 
water. He found that this property could be utilised to measure the 
“ goodness ” of air. Thus he observed that a specimen of ordinary 
common air, contained in a vessel over water, contracted by about 
one-fifth when sufficient nitric oxide was added, but that there was 
practically no contraction when air was used which would no longer 
allow a mouse to live in it. 

The results of further experiments led Priesdey to state that the 
contracdon on the addidon of nitric oxide to common air (in con¬ 
tact with water) was very nearly, if not exaedy, in proportion to its 
fitness for respiration—** so that by this means the goodness of air 
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may be distinguished much more accurately than it can be done by 
putting mice, or any other animals to breathe in it Two years later 
(1774) he used this test to show that the gas obtained by heating red 
mercury calx was about five times “ as good as the best common air . 
It is surprising in view of this that he did not anticipate Lavoisier in 
announcing an “oxygen” theory of burning, but, as history 
has so often shown, man’s mind is not flexible once it has become 
imbued with the correctness of a theory, and Priestley was too ardent 
a phlogistian to examine all the facts with critical detachment. 

It is interesting to note that Cavendish measured the composition 
of air very accurately in 1785, by adding nitric oxide to a measured 
volume of air, over water, until no further contraction occurred. 
his figures for 100 volumes of air were : 

Contraction ( = oxygen) = 20*84 volumes. 

Residue ( = nitrogen + argon) =79*16 volumes. 

Nitrous oxide, NgO, was discovered by Priestley in 1772 whilst 
investigating the action of a paste of iron filings and moistened sulphur 
on nitric oxide: 

2N0 + Fc = N20+Fe0. 

Priestley knew that the above mixture removed the “goodness 
(= oxygen) out of ordinary air, and was therefore amazed to find that 
it converted nitric oxide into a gas which was an excellent supporter 
of combustion. At a later date he obtained the same gas by the action 
of very dilute nitric acid on zinc and tin, but it was Berthollet w'ho 
discovered (1785) that it could be obtained by heating ammonium 

nitrate: ^ ^ 

NH 4 N 03 =N 20 + 2 H 20 . 

This method of preparation was used by Sir Humphry Davy when he 
examined the properties of the gas in 1799* He found from experi¬ 
ments on himself that it could be breathed without harm and had 
remarkable stimulating and exhilarating qualities. Robert Southey, a 

friend who submitted himself to the gas, said : ■ u u j 

“ Mv first definite sensation was a dizziness, a fullness in the head, 

such as to induce a fear of falUng. This was momentary When I 
took the bag from my mouth, I immediately laughed. The laugh was 
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involuntary, but highly pleasurable, accompanied by a thrill all through 
me ; and a tingling in my toes and fingers, a sensation perfectly new 

and delightful.” 

The application of the gas to dentistry was foreshadowed when 
Davy recorded : 

“ In cutting one of the unlucky teeth called dentes sapientias, I 
experienced an extensive inflammation of the gum, accompanied with 
great pain, which equally destroyed the power of repose, and of con¬ 
sistent action. 

“ On the day when inflammation was most troublesome, I breathed 
three large doses of nitrous oxide. The pain always diminished after 
the first four or five inspirations ; the thrilling came on as usual, and 
uneasiness was for a few minutes swallowed up in pleasure. As the 
former state of mind, however, returned, the state of organ returned 
with it; and I once imagined that the pain was more severe after the 
experiment than before.” 

Nitrogen peroxide, NOj, was obtained, as we have already de¬ 
scribed, when Priestley added nitric oxide to air. He also obtained the 
gas by the action of concentrated nitric acid on bismuth, and because 
it was very soluble in water he collected jars of the gas by the upward 
displacement of air. One of his most interesting obsen’ations was the 
fact that the colour of the gas grew much deeper when it was heated, 
and vice versa when it was cooled. He was so intrigued with this 
phenomenon that he carried a small bottle of the gas in his pocket 
and demonstrated the effect to his friends by merely warming the 
bottle with his hand. The explanation of this behaviour is given on 

p. J 42 - 

EXPERIMENTS 

Expt. 50. To prepare nitrous oxide and examine its properties. 

Fill a boiling tube one-third full of ammonium nitrate, and fit it 
with a cork and delivery tube leading to trough of hot water as shown 
in Fig. 70. Heat the ammonium nitrate cautiously until a steady flow 
of gas is obtained, and then heat intermittently until four gas-jars, 
a, h, Cy dy of the gas have been collected. The delivery tube must be 
removed from the trough as soon as the heating is stopped, otherwise 
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water will be sucked back into the boiling tube. Test the jars as 
follows : 

{a) Note the colour, smell and effect of breathing the gas ; also test 
it with moist litmus paper. 

{b) Place a brightly glowing splinter of wood in the gas. 

(r) Hold in tongs a piece of burning magnesium in the jar. 

{d) Place mouth to mouth with a jar of nitric oxide and compare the 



effect with that when oxygen is used in place of nitrous oxide. 

N B —Use the jar of nitrous oxide which was collected last of all as 
it will only be contaminated with a Uttle air ; also try to avoid letting 
in air when removing the glass plates. 

Expt. si. To prepare nitric oxide and examine its properties. 

Pour 50 C.C. of concentrated nitric acid down a thistle tube on to 
copper turnings in a flat-bottomed flask, which contains 50 c.c. of 
water and is fltted up as in Fig 68 a, p. 540. Collect three gas-jars, b, 
r, of the gas over water and examine them as follows : 

{a) Note the effect of lifting the glass lid and letting in air. 

{b) Plunge a lighted taper into the gas ; repeat with a piece of 
vigorously burning magnesium ribbon. 

(c) Shake with a few c.c. of a solution of ferrous sulphate ; what 
happens when the Uquid product is heated in a test-tube? 
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Expt. 5 2. To examine the properties of nitric acid. 

(a) Add bench dilute nitric acid to magnesium, zmc, and coppM 
turnings in three test-tubes. Collect and identify the gases. Is 
ammonia given off when the residual Hquids are warmed with an 

excess of caustic soda? 

(h) Warm 7 c.c. of a solution of ferrous sulphate with one c.c. of 
concentrated nitric acid in a test-tube until no further change occurs, 
then add a few drops of potassium ferrocyamde—a deep blue color¬ 
ation indicates the presence of a ferric salt. 

(r) Note carefully what happens when a slow stream of hydrogen 
sulphide is passed into concentrated nitric acid in a test-tube. 

((/) Warm 25 c.c. of fuming nitric acid in a boiling tube and pour at 
arm’s length over dry sawdust in an evaporating basm in a fiime cup¬ 
board. 

Record and try to interpret your observations. 


Expt. 55. To examine the properties of nitrates. 

(a) Heat crystals of (i) potassium nitrate, (ii) lead rntram, (m) mer¬ 
curic nitrate, in test-tubes (hard glass for (i) and (iii)), untU no fu^cr 
change is observed. Note the colour, if any, of the gases evolved, 
and their action on a glowing splinter of wood, moist Utmus paper, 
and starch iodide paper. In what respects do the gases from (u) and 
(iii) differ when they are collected in a test-tube over water? Expl^ 
your observations. Examine the residues in the test-tubes; what 
happens when that in (i) is warmed with a dilute solution of sulphuric 


acid? 

(b) Dissolve a few crystals of potassium nitrate in a test-tube filled 
one-third full of dilute sulphuric acid, then add copper turnings and 
warm ; identify the gas. Try to explain your observations. 

(f) Dissolve a crystal of potassium nitrate (about the size of a pea) 
in a test-tube filled one-third fuU of ferrous sulphate ; then pour a few 
c.c. of concentrated sulphuric acid carefully down the side of the test- 
tube and note the brown ring at the junction of the two liquids. This 


is known as the brown ring test for nitrates. 



QUESTIONS 


549 


QUESTIONS ON CHAPTER XXV 

1. Describe carefully how you would prepare a specimen of nitric 

acid in the laboratory. r u- j 

Mention two laborator)’ uses and one industrial use oi this acid. 

Suggest a reason why its action on metals differs from 
hydrochloric acid. 

2. How is nitric acid prepared and collected in the laboratory? 
How would you obtain a sample of oxygen from nitric acid. 
Describe two experiments to show that nitric acid is an oxidising 

agent. . ,,, 

What is the effect of heat on {a) potassium nitrate, (^) 

nitrate? (C.W .B.S.C.) 

3. Write a short description of the action of nitric acid upon 

^ What is the action of heat upon {a) ammonium 

nitrate, (r) potassium nitrate? (O- and C.S.C.J 

4. Give an account of the properties and uses of nitrates. 

5. How may fairly pure nitric acid be obtained in the laboratop’? 
sLte four chemkal properties of this acid, and give its reactior^s 

under conditions which must be stated with {a) ammoma, {b) hydrochloric 

acid, {c) ferrous sulphate, and {S) sulphur. (r^C\ 

How can you obtain hydrogen from mtric acid? 

6. Give an account of the circulation of nitrogen in nature, in¬ 
cluding artificial processes. 

7. Describe how you would prepare and collect a sample of 

an account of two tests by which it would be possible to dis¬ 
tinguish a mixtute of nittogen and oxygen ftom nittousj,tude. ^ ^ ^ ^ 

8. Write the equation for the reaction by which nitrous oxide is 
usually prepared and give one chemical test to ^sunguish this gas from 

oxygen.^ Describe all that would be observed if a P° 

or phosphorus were ignited in a definite volume of nitrous oxide 
enefosS^n a tube ovfr mercury. What conclusion or co--,ons 
could you draw from this experiment? The vapour dens ties of 
nitrous oxide and of nitrogen are, respectively, aa and 14 [H-iJ. 
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Show clearly how, using all this information, you could deduce the 

molecular formula of nitrous oxide. (Atomic ; 

O, i6.] (J.M.B.b.L.) 

Q. How would you prepare and collect in the laboratory a gas-jar 
of nitric oxide? How would you distinguish it from nitrous oxide, 
and how may it be used to determine the volume of oxygen ^ a given 
sample of air? (CW.B.S.C) 

lo. Using sodium nitrate and any other chermcals required, indicate 
very briefly how you would prepare nitric oxide. Give full experi¬ 
mental details of the method you would employ in preparing nitrous 


°^G?ve three tests you would apply to distinguish between these two 

gases. ^ 

II. Describe, with a sketch, the preparation of nitrogen peroxide. 
Mention six properties of the gas. Describe and explain what happens 
when the gas is {a) heated, {b) passed through a tube in a freezing 
mixture. (O- and C.S.C.) 



CHAPTER XXVI 

PHOSPHORUS AND COMPOUNDS 
PHOSPHORUS. P = 5i*o 

Occurrence of phosphorus. Phosphorus is too active an 
element to occur m the free state, but its oxide, phosphorus 
pentoxide, PPs. is widely, though rather sparsely, distributed in 
combination with metallic oxides as phosphates, the most im¬ 
portant mineral being apatite, 3Ca3(P04)2, CaFo. The element 
is a normal constituent of plant and animal tissues, and is 
essential to their growth. It is particularly abundant in 

bones, which, when cal¬ 
cined, yield mainly cal¬ 
cium phosphate. 

Preparation of phos¬ 
phorus. Phosphorus is 
manufactured by heating 
in an electric furnace 
(Fig. 71) phosphatic 
minerals with coke and 
a rock rich in silicon di¬ 
oxide, Si02 (such as 
granite). At the high 
temperature of the fur¬ 
nace, silicon dioxide dis¬ 
places from the phos¬ 
phate the more volatile 
phosphorus pentoxide, 
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P2O5, in spite of the fact that the latter is more strongly 
acidic: 

Ca3(PO*)2 + jSiOi = 5CaSiOs+ PA- 
The phosphoric oxide vapour is reduced by the coke to phos¬ 
phorus, 

PA+5C = 2P+5C0, 

which distils over and is condensed and solidified under water. 
The product is white phosphorus^ which is the starting material for 
the manufacture of phosphorus pentoxide, hypophosphites, and 

most other phosphorus compounds. 

Properties of phosphorus. Phosphorus can exist in several 
different allotropic modifications, but the two common varieties 
are white phosphorus (commonly called yeUow phosphorus) and 
red phosphorus. White phosphorus is obtained when phos¬ 
phorus vapour is condensed, and is therefore the variety which 
is produced in the above electric furnace process. It is a colour¬ 
less waxy solid of specific gravity 1-83, which melts at 44° and 
boils at 280°. men it is exposed to Ught it slowly changes to 
red phosphorus—a transformation which can be brought about 
quickly by heating white phosphorus with a little iodine at 240° 
Red phosphorus melts at 590°, boils at 725°, and has a specific 
gravity of 2-34. Unlike white phosphorus, it is insoluble in 
carbon bisulphide, and is also much less active chemically. Thus, 
whereas white phosphorus glows in air at ordinary temperatures 
(due to slow oxidation) and ignites at 35°, red phosphorus docs 
not glow and will not ignite until the temperature is raised to 
about 260®: 

4P + 5 O2 = 2P 2O5. 

Again, white phosphorus, but not red phosphorus, interacts with 
caustic soda or potash to give phosphine, PH3, as described 
below. Both varieties, however, combine directly with the 
halogens, sulphur and certain metals, but the reaction with the 
white allotrope is always the more vigorous. 
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Table 6 . Comparison of the Properties of White and 

Red Phosphorus 



White phosphorus 

Red phosphorus 

Physical properties : 
Specific gravity 

1-85 

i -34 

Melting-point 

44 

^ y\ 

- 

590 
. 0 

Boiling-point 
Solubility in carbon 

280 

Soluble 

725 

Insoluble 

bisulphide 

Chemical properties : 


Ionites in air at 260® 

0 

Oxidation 

Ignites in air at 35 

Action of caustic 

Yields phosphine, 

No action 

potash 

PH3 



Uses of phosphorus. White phosphorus was formerly used 
in the manufacture of matches, but its use is now forbidden by 
Act of Parliament, because workmen in the match industry 
developed a fatal disease of the jaw, “ phossy-jaw , caused by 
the poisonous fumes which are given off when white phosphorus 
is exposed to the air. The heads of - strike anywhere » matches 
usually contain a sulphide of phosphorus as inflammable material, 
potassium chlorate and manganese dioxide as oxidising agents, 
ground glass for increasing friction, and glue to act as a binder. 
When the match is rubbed on the strip of sandpaper on the box, 
or on any rough surface, sufficient heat is produced by friction 
to ignite the inflammable mixture of sulphide, chlorate, etc. 

The head of a “ safety match » contains oxidising agents such 
as potassium chlorate and potassium chromate, together with 
antimony sulphide (which ignites much less readily than phos- 

phorus sulphide), ground glass and gum. The 

match is started by a little red phosphorus being ^bbed on to 

the head and ignited by the chlorate, etc., and is continued by the 

combustion of the antimony sulphide. 
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Compounds prepared from phosphorus are now widely used 

in the manufacture of detergents, food stuffs, dyes, texti es, 

plastics, fertilisers and pharmaceutical products, as weU as m t e 

treatment of metals and the softening of water. 

The relationship of phosphorus to nitrogen and sulphur. 

Phosphorus and nitrogen are classed together in the same famly 
in the periodic table (p. 588). but apart from the fact that both 
elements form trivalent and pentavalent compounds there is 
really very little resemblance between them, and even their com¬ 
pounds often differ widely in their properties, although they may 
be isomorphous. The properties of phosphorus are, however, 
in many respects similar to those of sulphur, an element which is 
right-hand neighbour to phosphorus in the periodic table. Thus 
both elements burn in air to form pungent-smelling fumes, 
which dissolve in water to form two different acids, viz.: 

s-^ 0 , = S02, SO,-t- H^O^H^SO^, sulphurous acid. 
zS + 502 = zS 03, SO3+ H,0=H,S0„ sulphuric acid. 
4P4-30, = 2PA. P203 + 5H,0 = 2H3P03, phosphorous acid. 
4P + 50, = 2PA. PA + 5H,0=2H3P0,. phosphoric acid. 

It should be noted, however, that whereas sulphur burns m air 
to give mainly the lower oxide, SOj, phosphorus is oxidised 
principally to its higher oxide, especiaUy if there is a plentiful 

supply of air. . . . , , t 

Sulphur and phosphorus are also similar in that they burn in 

chlorine to give two series of chlorides which fume in moist air : 


Sulphur monochloride, SjClg. Sulphur dichloride, SCla. 
Phosphorus trichloride, PCI3. Phosphorus pentachloride, PCI5. 

On the other hand, nitrogen is not attacked by chlorine, and will 
only combine with oxygen when heated in an electric arc. 

Finally, mention may be made of the fact that the hydride of 
phosphorus, phosphine, PH3, is intermediate in properties be¬ 
tween ammonia, NH3, and hydrogen sulphide, H^S. Thus 
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phosphine is almost devoid of basic properties—it is neutral to 
indicators but forms unstable salts—whilst hydrogen sulphide is 
a feeble acid, though similar to phosphine in the ease with which 
it burns in air to form water and an acid oxide : 

2H2S + 502 = 2H20 + 2SO2. 

2PH3 +4O2-5H2O + P2O5. 

Ammonia, on the other hand, will only burn in ox^^gen, and then 
yields water and nitrogen : 4NH3 + 3O2 = 2N2 + 6H2O. 

COMPOUNDS OF PHOSPHORUS 
Phosphine. PH3, is usually prepared in the laboratory by 
heating white phosphorus with a strong (50%) solution of caustic 
soda or caustic potash, in a flask fitted up as in Fig. 72 : 

4P + 3NaOH + 5H2O ^PHa + 3 NaHjPOj, sodium hypophosphite. 



The air in the flask has to be displaced with coal gas at the start 
of the experiment, since the crude phosphine is spontaneously 
inflammable in air. If the phosphine is allowed to bubble up 
through water, as in the diagram, a spectacular series of vortex 
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rings of smoke is produced. Pure phosphine is not spontaneously 
inflammable, and can be obtained by Keating phosphonium iodide 

with caustic soda, 

PHJ + NaOH =PH3 +NaI + H A 
a preparation which is clearly analogous to that of ammonia from 
ammonium chloride (p. 316): 

NH4CI +NaOH =NH3+Naa + H^O. 

Pure phosphine is a colourless gas with a garlic-like odour. 
It is similar to ammonia in its formula and in the fact that it can 
form salt-like compounds with the halogen acids, e.g. with 
gaseous hydrogen iodide it gives phosphonium iodide, PHJ. 
In most other respects, however, it is quite different from am¬ 
monia. Thus it is only sparingly soluble in water, and its solution 
is not alkaline to indicators. Unlike ammonia, it will also burn 
readily in air, forming water and phosphorus pentoxide: 

2PH3-H402=P205 4-5HA 

Phosphorous oxide, PPa, is formed when phosphorus is 
burnt in an insufficient supply of air. It is a transparent crystal¬ 
line solid which, when heated in air, burns to phosphorus pent- 
oxide : 

P 2 O 3 +03 = P205. 

It dissolves slowly in cold water, with which it interacts to give a 
solution of the tribasic acid, phosphorous acid, H3PO3: 

5H20-hP203 = 2H3P03. 

When this acid is heated it undergoes self-oxidation and reduc¬ 
tion to phosphoric acid and phosphine, as represented by the 
equation: 

4H3P03 = 3H3P04-i-PH3. 

The same products are formed when phosphorous oxide is dis¬ 
solved in hot water. The ready oxidation of phosphorous acid 
to phosphoric acid accounts for the fact that it is a powerful 
reducing agent. 
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Phosphorus pentoxide or phosphoric oxide, P2O5, is formed 
as a white powder when “ white ” phosphorus is burnt in a 
plentiful supply of air. The product can be freed from lower 
oxides by subliming it in an iron tube in a stream of dry air. 
The outstanding property of this oxide is its great affinity for 
water, with which it unites to form a series of phosphoric acids ; 
for this reason the oxide is a valuable dehydrating agent. 

The phosphoric acids. Phosphorus pentoxide unites with 
water to form the following acids: 

p^05+ HaO^zHPOj, metaphosphoric acid. 

P2O5 + aHoO ^H^PgO,, pyrophosphoric acid. 

P2O3 + 3H2O = 2H3P04, orthophosphoric acid. 

{a) Orthophosphoric acid, H3PO4, is usually manufactured by 
the action of fairly concentrated sulphuric acid on bone ash, the 
impure calcium phosphate which is left when bones are distilled : 

+ 3 H 2 SO 4 = 2H3P04 + sCaSO^. 

The orthophosphoric acid is drained off from the insoluble sludge 
of calcium sulphate and is concentrated to about 83% strength 
by evaporation. Pure orthophosphoric acid is prepared in the 
laboratory by heating red phosphorus with fairly concentrated 

(50%) nitric acid : 

5P 4- 5HNO3 + 2H2O = 3H3PO4 + 5NO. 

When the action has subsided, the surplus nitric acid and most of 
the water are driven off by heating the solution until the tempera¬ 
ture rises to 180° ; deliquescent crystals of orthophosphoric acid 
can then be obtained by cooling the residual liquor in a vacuum 

desiccator. 

Orthophosphoric acid is a tribasic add, and can therefore yield 

thjree series of salts, e.g.: 

Sodium dihydrogen phosphate, NaH2P04. 
Disodium hydrogen phosphate, Na2HP04. 
Trisodium phosphate, NagPOi- 
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The first of these is obtained when orthophosphoric acid is 
“ neutralised ” with caustic soda in the presence of methyl 
orange as indicator; the second by using phenolphthalein as 
indicator ; and the third by adding treble the quantity of caustic 
soda used in making the first salt. 

(h) Pyrophosphoric acid. is obtained as a white solid 

by heating orthophosphoric acid at 215° : 

2H3P04=H^P20, + H20. 

The reverse change takes place slowly when the pyro-acid is dis¬ 
solved in water ; its salts are therefore usually prepared by ignit¬ 
ing the corresponding mono-hydrogen orthophosphate, e.g.: 

aNajHPO, = Na,P A + H A 

(c) Metaphosphoric acid. HPO3. is prepared by heating either 
of the above acids to red heat until white fumes are evolved. It 
is a transparent, deliquescent, glassy solid, to which the name of 
Glacial Phosphoric Acid is given. When boiled with water 
it is converted back into orthophosphoric acid : 

HP 03 +H, 0 =H 3 P 0 ,. 

The metaphosphates, which are isomorphous with nitrates, 
can be prepared directly from the acid, or by heating the di- 
hydrogen phosphates, e.g. : 

NaH 2 P 04 =NaP 03 4-HA 

The three classes of phosphates may be distinguished by the fact that 
only metaphosphates (when acidified) coagulate egg albumen (white 
of egg) in water, whilst orthophosphates give a yellow precipitate, 
AgjPO^, with silver nitrate, in contrast to the white precipitates given 
by pyro- and meta-phosphates. 

Phosphatic fertilisers. Phosphorus is essential for the 
growth of plants, but can only be assimilated when it is in the 
soil in a soluble form. The phosphorus absorbed by the plant is 
largely concentrated in the seedi and is therefore removed from 
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the soil with the crops. When the crops arc eaten in the fields, 
or on the farm, by cattle, sheep or horses, much of the phosphorus 
is excreted and returned to the soil as liquid or solid farmyard 
manure ; but phosphorus is also present in dairy produce, such 
as milk and cheese, as well as in meat and in bones, and is there¬ 
fore constantly being sent away, even when the crops are mainly 
consumed on the farm. This removal of phosphorus resulted in 
a most serious loss of fertility in the English pasture lands during 
the early part of the nineteenth century ; their fcrtiUty was. how¬ 
ever, restored by manuring with bones, since these contain a high 

percentage of calcium phosphate. 

Insoluble phosphatic rocks are now converted into soluble 

phosphates by mixing the finely powdered rock with 
sulphuric acid from the lead chamber process. The damp 
product, after maturing for several weeks, becomes dry and 
granular and is sold under the name of Superphosphate It 
consists of calcium sulphate together with about i,% of phos¬ 
phoric oxide in the form of calcium acid phosphate, Ca(H.;l 
Mono-ammonium phosphate. (NHJH.PO,. manufactured by 
treating phosphatic rock with sulphuric acid and amtnomum sul¬ 
phate, is used in concentrated garden fertiUsers. Guano, the 
Lcrements of birds, collected from islands in the Pacific Ocean, 
is also an important source of phosphorus for agriculture. 

Phosphorus and the halogens. Phosphorus umtes directly 
with the halogens to form two principal series of compounds, 
PX and PX.,* where X represents a halogen atom. These 
compounds are decomposed completely by water to give the 
halogen hydride (HCl. HBr, HI) and phosphorous or phosphoric 
acid, as represented by the general equations : 

PX3 + 3H20=H,P03 + 3HX, 

PXj-F4H30 =H3P04 -HHX. 

* The penta-iodide Ph has not been isolated. 
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The bromine and iodine compounds are often employed in the 
laboratory for the preparation of hydrogen bromide (p. 267) and 
hydrogen iodide (p. 270); since these acids cannot be prepared 
by the action of concentrated sulphuric acid on a bromide or 
iodide. 

Phosphorus trichloride, PClg, is readily prepared in the 
laboratory by passing dry chlorine over white (‘* yellow ”) phos¬ 
phorus heated in a retort on a water bath, as depicted in Fig. 75 : 

2P + 3Cl2 = 2PCl3. 


Ory chtottfti 



Phosphorus trichloride vaporises and is condensed and collected 
in a distillation flask. The end of the chlorine delivery tube must 
be close to the surface of the phosphorus, otherwise a good deal 
of phosphorus pentachloride will be formed. Further details for 
this preparation are given in Expt. 54, </, p. 563. 

Phosphorus trichloride is a mobile, colourless liquid, which 
boils at 76®. It fumes in moist air owing to hydrolysis (p. 505), 
PCI3 + 5H2O = 3HC1 -j-HaPOj, phosphorous acid, 
a decomposition which takes place violently when the liquid is 
added to water. 
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Phosphorus pentachloride, PCI^, is usually prepared by pass¬ 
ing dry chlorine and phosphorus trichloride simultaneously into 
a flask, which is cooled in ice (Fig. 74), as so much heat is liberated 
in the interaction that the pentachloride would otherwise be 

vaporised : 

PCI3 + Cl2 = PCl5+ 30.000 calories. 

Phosphorus pentachloride is a yel¬ 
lowish-white solid which sublimes even 
below 100°. The vapour dissociates into 
chlorine and phosphorus trichloride, the 
degree of dissociation increasing as the 
temperature is raised, as would be ex¬ 
pected from the fact that the combina¬ 
tion takes place with the liberation of 
much heat. Like the trichloride, the 
pentachloride fumes in moist air and 
reacts violently with water, forming first phosphorus oxy 
chloride, POCI3. and then phosphoric acid : 

PCI5 +H2O =POCl3+2HCl, 

POCI3 + 3H2O =H3P04 + 3HCI. 


exc£ss 

CHU0R1>{S 



iCe AND 
WATER 
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Fig. 74 . Preparation of 
phosphorus pentachloride, 


historical notes 

White phosphorus was discovered in 1669 by Brand of Hamburg, 
whUst disdlUng evaporated urine with sand in clay retorts. He is 
stated to have sold the secret of its preparauon to one Krafft who 
journeyed round Europe exhibiting the substance as one of the 
wonders of nature. He is supposed to have shown it to Chatles II. 
who was a keen scientist, and. incidentally, founder of the I^oyJ 
Society. Boyle also met Krafft and is supposed to have been told by 
him that it Us produced from “ somewhat that belonged to the 
human body This probably accounts for the fact Boyle 

succeeded a litde later in isoladng phosphorus by Brand s method. 
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This method of preparing phosphorus was difficult and the 
element was therefore a very rare substance until about 177J, when 
Scheele discovered how to make it from calcined bones. A modifica¬ 
tion of Scheele’s method was used for the manufacture of phosphorus 
for many years: it consisted in isolating orthophosphoric acid from 
bone ash by the action of concentrated sulphuric acid : 

CaafPOJ, + 3H2SOJ = jCaSO^ + 2H3PO4. 

Evaporation of the ortho-phosphoric acid yielded meta-phosphoric 
acid, HPO3, which was then distilled in a retort with charcoal: 

4HPO3 1 aC = P4 + 2H2 12CO. 

The phosphorus vapour was condensed under water as in the modem 
electric process, p. 3i r. which has now taken its place. 

EXPERIMENTS 

Expt. S4- To examine the properties of phosphorus and prepare 
some of its compounds. 

N.B.—Nfi'fr totich white phosphorus with the hands, but use crucible tongs. 

{a) Place a little white and red phosphorus in two separate evaporat¬ 
ing basins, and view in a darkened room or cupboard. What happens 
when the specimens are placed in a fume chamber and pressed with a 
glass rod which has been heated to a 100° C. in boiling water? 

Repeat the experiment with the white phosphorus, but place the 
evaporating basin on a sheet of glass and cover it with a glass bell-jar. 
Examine the product that is formed : what happens when it is exposed 
to the air for a few minutes, and what effect has it on moist litmus 
papers? 

{b) Add 10 grams of red phosphorus gradually and with stirring to 
100 c.c. of fairly concentrated nitric acid (50 c.c. concentrated acid to 
50 c.c. water) in a beaker in a fume chamber. Heat the mixture cauti¬ 
ously until no further brown fumes of nitrogen peroxide are evolved, 
then filter the product to obtain a clear aqueous solution of ortho- 
phosphoric acid, H3PO4. 

What happens when small portions of this acid are added to test- 
tubes containing (i) magnesium turnings, (ii) sodium carbonate, (iii) 
a solution of barium chloride alkaline with ammonia, (iv) a solution 
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of barium chloride acidified with hydrochloric acid, and (v) ammonium 
molybdate acidified with nitric acid ? If no action is observed in the 

cold, heat. ^ 

U) Place a few grams of white phosphorus and a loo c.c. ot 30 ,o 

caustic soda in a 500 c.c. flat-bottomed flask. Then fit the latter with 

a cork and deUvery tube, etc., as shown in Fig. 72. P- 3 S 5 - Displace 

the air in the flask with a stream of coal gas, then heat the flask until a 

steady stream of vortex rings is formed. 

(d) Place about 20 grams of potassium permanganate in a 600 c.c. 
flask, which is fitted up as depicted in Fig. 48. P- 242. except that the 
wash bottle containing water is omitted. Now assemble the apparatus 
shown in Fig. 73 > being careful to see that the inside of the retort, 
condenser and receiver are dry. Displace the air in the retort wnh a 
current of carbon dioxide, but do not heat the water bath until about 
10 grams of white phosphorus have been placed inside the retort, n 
this connection it will be necessar>- to cut the phosphorus into small 
pieces under water, and to dry each piece with filter paper before 1 is 
slid (not dropped) into the retort. Now connect the retor o the 
chlorine generator (the air in which has been previously displaced by 
chlorine), and heat the water bath to boiling point before passing 

''’Thfphosphor.s will be seen to burn in tbe chlorine, and phosphorus 
trichlorWe will distil over into the receiver. The sobd sublimate m 
the top of the retort is phosphorus pentachloride, but its formation is 
largely prevented by placing the chlorine deUvery tube close to the 

"matl^p^rs‘’wL'’n trichloride is added to a few drops 

of water in a beaker? 
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QUESTIONS ON CHAPTER XXVI 

1. Write an account of the production of ordinary phosphorus from 
bones. How is it converted into its allotropic form? 

Mention the uses of phosphorus and any of its compounds. 

(O.S.C.) 

2. State how the element phosphorus may be obtained from ordi¬ 
nary calcium phosphate. 

How can phosphorus be reconverted to the calcium phosphate from 
which it is prepared? 

Compare and contrast, in tabular form, the properties of the two 
common allotropes of phosphorus. (L.G.S.C.) 

3. Compare the properties of the two forms of phosphorus. 

How may phosphorus be converted into two of the following: 
(a) phosphorus pentachloride, (b) phosphine, (<■) phosphorus pen- 
toxidc? (^* C.S.C.) 

4. Describe the preparation of (a) phosphorus trichloride, and (b) 

phosphine. Show how the latter is related to ammonia. (L.M.) 

5. Describe the appearance of phosphorus pentoxide, trichloride, 
and pentachloride. Describe the action of water on each of them. 

How would you prepare crystals of ordinary sodium phosphate, 
NajHPOj.izHjO, from phosphorus pentoxide? (O.S.C.) 

6. Describe, with necessary detail, how, starting from red phos¬ 

phorus, you would prepare a well-crystallized specimen of sodium 
phosphate, NaaHPOj, izHgO. Describe how you would show that 
your preparation was sodium phosphate. (O.S.C.) 

7. Starting with syrupy phosphoric acid and sodium hydroxide, 
describe how you would prepare five different salts. 



CHAPTER XXVn 

ELECTROLYSIS AND THE IONIC THEORY 

Metallic conductors and electroljnes. Substances which are 
conductors of electricity may be divided into two classes; 

{a) Metallic conductors, such as copper, silver and graphite, 
which conduct an electric current without undergoing a chemical 
change, unless they be heated sufficiently by the current to be 

oxidised by the atmosphere. 

(h) Electrolytes, such as dilute sulphuric acid and brine, which 
conduct electricity but are decomposed by the current. Electro¬ 
lytes are always liquids, and are usually a solution of an acid, base 
or salt in water, but fused salts and bases are also electrolytes, 
though pure liquid acids are not. There are several solvents 
which can be used in place of water, but the latter is generally the 

best solvent. . , i u 

Electrolysis takes place when a current is passed through 

an electrolyte, and the products formed by the decomposition of 

the electrolyte are almjs set free at the electrodes, i.e. at the 

positive and negative poles by which the current enters and leaves 

the electrolyte. The positive electrode is known as the anode 

and the negative electrode as the cathode. 

Sugar, alcohol and many other organic compounds are des¬ 
cribed as non-electrolytes because they do not conduct a current 

of electricity in solution or in the fused state. 

Faraday’s laws of electrolysis. A very thorough investiga¬ 
tion of electrolysis was carried out by Michael Faraday (1791- 
1867), as a result of which he was able to show that: 

36J 
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The weights of the subsunces liberated at the electrodes are 
proportional to the quantity of electricity which passes through 
the electrolyte. 

This generalisation, which is now known as Faraday’s first law 
of electrolysis, implies that the amount of decomposition is inde¬ 
pendent of the temperature, of the concentration of the solution, 
of the current density, and of the form or material of the elec¬ 
trodes and vessel. The quantity of electricity is measured in 
units called coulombs, and is obtained by multiplying the strength 
of the current measured in amperes, by the time in seconds : 

quantity of electricity measured in coulombs —strength of current in 
amperes x duration of current in seconds, 

Faraday was also able to show that: 

When the same quantity of electricity is passed through 
different electrolytes, the weights of the products obtained are 
proportional to their chemical equivalents. 

This generalisation is called Faraday’s second law of electro¬ 
lysis, and tells us that the same quantity of electricity is required 
to liberate one gram of hydrogen, 8 grams of oxygen, 35*5 gt^nis 
of chlorine, and 108 grams of silver from their compounds, since 
these are the gram-equivalent weights of the elements. The 
quantity of electricity required to liberate one gram equivalent of 
an element from one of its compounds is called the Faraday, 
and is equal to 96,500 coulombs. One coulomb of electricity will 
therefore liberate : 

Hydrogen, =0-0000104 gram. 

g 

Oxygen, -7 -=0-000083 gram. 

96,500 

... 108 

Sliver, -7-=0-00112 gram. 

96,500 

The above weights are known as the electrochemical equivalents 
of the elements, i.e.: 
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The electrochemical equivalent of an element is the weight 
of it which is liberated at an electrode when one coulomb of 
electricity flows through the appropriate electrolyte. 

Electrolysis of dilute sulphuric acid. The above laws may 
be illustrated by electrolysing a dilute solution of sulphuric acid 
in a so-called water volta¬ 
meter (Fig. 75)- The anode 
(positive electrode) and cath¬ 
ode (negative electrode) of 
this voltameter are made of 
platinum foil and are con¬ 
nected in series with an am¬ 
meter, A, for measuring the 
strength of the current, a 
variable resistance, R, and 
four accumulators, C. The 
voltameter is filled with dilute 
sulphuric acid (20% strength) 
via the open mouth of the 
central tube, and the air in 
the graduated limbs on either 
side is expelled by opening 
the taps T and T'. A steady 
current of about 0-2 amperes 
is then passed through the 
dilute sulphuric acid (the elec¬ 
trolyte) by closing the key, K. 

The passage of the current causes the decomposition of the water, 

hydrogen being set free at the cathode and oxygen at the anode : 

aHgO = zHg+Og. 

The sulphuric acid remains unchanged, and this could be proved 



H 
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by titrating the residual liquid with a standard alkali and showing 
that there was exactly the same quantity of acid as there was at 
the start of the experiment. Although the acid is not affected 
by the electrolysis, its presence is necessary in order to improve 
the conductivity of the water. 

Faraday’s first law of electrolysis can be illustrated by showing 
that the volumes of hydrogen and oxygen, which collect in either 
limb of the apparatus, are directly proportional to the time during 
which a constant current flows. Thus the current could be cut 
off at intervals of five minutes, and the observed volumes of the 
gases could be plotted separately against the ume, when two 
straight line graphs should be obtained which pass through the 
origin, indicating that the volumes, and hence weights, of the 
gases liberated are proportional to the quantity of electricity that 

has flowed. 

The above measurements should also show that the volume 
of the hydrogen which collects above the cathode is twice the 
volume of the oxygen in the other limb. Hence, since oxygen 
gas is sixteen times as heavy as an equal volume of hydrogen 
(under the same conditions of temperature and pressure), it is 
clear that the weight of the oxygen which is set free is ci^t times 
the weight of the hydrogen. Now these proportions are identical 
to the chemical equivalents of the elements, and hence verify 

Faraday’s second law of electrolysis. 

The ionic theory. Faraday’s laws of electrolysis, and other 
phenomena connected with solutions of electrolytes, are ex¬ 
plained by the Ionic theory which supposes that the molecules of 
electrolytes are dissociated into positively and negatively charged 
particles called cations and anions, respectively, and that when a 
potential difference is applied to two electrodes immersed in 
an electrolyte, the cations carry the current to the cathode, 
whilst the anions carry the current to the anode. Experiments 
show that when acids and salts are electrolysed, hydrogen or the 
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metal is set free at the cathode, whilst under suitable conditions, 
the acid radical may be liberated at the anode. Hence the ionic 
theory predicts that the hydrogen of acids and the meta! atoms of 
salts are present in solution, in part at any rate, as positively 
charged cations, whilst the acid radicals are present as negatively 
charged anions. Thus a solution of hydrochloric acid is supposed 
to contain hydrogen ions, H'*', and chlorine ions, Cl , as a result 
of the following ionic dissociation, which incidentally is thought 
to be virtually complete in dilute solution : 

HCI^H^- + C 1 - 


It should be noted that the hydrogen and chlorine ions are 
shown as having respectively a unit charge of positive and a unit 
charge of negative electricity. These values are assigned in 
order to account for the fact that elements are liberated in pro¬ 


portions which are the sam as their chemical equivalents, that is, 
the same quantity of electricity is required to discharge one gram 
equivalent of any element or radical. It is therefore necessary to 
give an ion the same number of unit charges of electricity as its 
valency ; for example, a solution of: 

sodium chloride is supposed to contain Na+ and Cl" ions; 
copper sulphate „ » » Cu++ and SO^" ions; 

aluminium nitrate „ „ » A 1 +++ and NO3- ions. 

It has been found that pure acids in the liquid state are not con¬ 
ductors of electricity, and hence they are supposed only to dis¬ 
sociate into ions when dissolved in a suitable solvent such as 
water. For this reason their decomposition into ions is repre¬ 
sented as a reversible reaction, e.g.. 


HNOa^^H^+NOa-, 

H2S04;^:2H+ + S0r-, 

where the upper thick arrow is used to indicate that the dissocia¬ 
tion is virtually complete in dilute aqueous solution. On the 
other hand, many pure salts are excellent conductors when fused. 
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and because of this, and other evidence, they are considered to 
be ionised even in the soUd state. Thus crystals “f ^odtum 
chloride are beUeved to be built up of sodium ions, Na+, and 
chlorine ions. Cl", and not of neutral sodium chloride molecules. 
NaCl; but these crystals, like the crystals of other salts are non¬ 
conductors of electricity, because the ions ate mcapable of m- 
dependent movement until the salt has been melted or dissolved 

in a suitable solvent. , •. j 

The modem atom. The existence of ions is now attributed 

to the fact that all atoms contain positive and negative electricity. 
The positive electricity is situated on a tiny central nucleus which 
is responsible for the mass of the atom, whilst nunute, almost 
weightless, particles called electrons, each contaming a umt 
charge of negative electricity, rotate in definite orbits round the 
nucleus of the atom, just as the planets rotate round the sun. 
The number of planetary electrons is normally equal to the 
positive charge on the nucleus, so that the atom is electrically 
neutral; but atoms can lose or gain electrons, and thus form 
positively or negatively charged ions. Since the chemical pro¬ 
perties of an element depend upon the number of planetary 
electrons in its atom, an ion has very different properties from its 
parent atom. Thus sodium ions, Na+, are quite different from 
sodium atoms, Na, and do not, for example, attack water, ^ do 
the latter. Similarly, chlorine ions, Ch, are quite different from 

chlorine atoms. Cl, or molecules, Clj. 

The constitution of the atom, and the part played by electrons 
in chemical changes, are considered in a subsequent chapter (Part 
p. jSj), since the subject is too intricate to be discussed in 

greater detail here. 

Decomposition by electrolysis. The chemical changes 
which can be effected by the passage of a current of electricity 
through an electrolyte are complicated by the fact that they 
depend not only on the nature of the electrolyte but also on the 
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composition of the electrodes. The influence of these two 
factors is illustrated by the following examples: 

{a) Hydrochloric acid with carbon electrodes. VC^en a current 
of electricity is passed through a fairly concentrated solution of 
hydrochloric acid, hydrogen ions, H+, are discharged at the 
cathode (by receiving electrons) and chloride ions at the anode 
(by giving up electrons). The neutral atoms then unite to form 
molecules of hydrogen and chlorine, as represented by the scheme: 


Solution ^ + 

Graphite I H <-H'*' Cl“-> Cl I 

cathode I H <-H+ Cl”->■ Cl | 


Graphite 

anode 


If a very dilute solution of the acid is used (i c.c. cone, acid 
in I litre of water) oxygen and not chlorine is set free at the anode. 
The explanation of this is as follows: water is very slightly 
dissociated into hydrogen ions, H+, and hydroxyl ions, OH", 

H20^H+ + 0H- 

and when a very dilute solution of hydrochloric acid is used, 
less energy is required to discharge hydroxyl ions than chloride 
ions; the hydroxyl ion is therefore discharged in preference to 
the latter. The uncharged hydroxyl radical, OH, is unstable and 
breaks down into oxygen and water, and so the changes at the 
anode may be represented thus : 


OH--^ = OH; 40 H = 2 H 20 + 02 , 


where e represents an electron. 

The removal of hydrogen and hydroxyl ions at the electrodes 
is made good by the dissociation of more water molecules, hence 
the electrolysis merely results in the decomposition of water into 

its elements. 

{b) Sodium chloride with carbon electrodes. The sodium 
chloride provides sodium ions, Na+ and chloride ions, Ch, and 
water, hydrogen ions, H+, and hydroxyl ions, OH". On 
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electrolysis, hydrogen ions are discharged in preference to sodium 
ions at the cathode, and chloride ions in preference to hydroxyl 

ions at the anode : 

At cathodCy H"*" + ? = H ; zH = H2. 

At anode, Cl"-^ = C 1 ; 2Cl = Cl2. 

The removal of hydrogen ions causes more water molecules to 
dissociate, and since for each chloride ion discharged a hy^ogen 
lon is also discharged, it foUows that when aU the chloride ions 
have been removed, an equal number of hydroxyl ions will have 
taken their place in solution, and so the product will be a solution 

of sodium hydroxide : 

Na+Cl-->Na+ + Ch | ^ qH". 

If the carbon cathode is replaced by a mercury one, then 
sodium ions are discharged in preference to hydrogen ions, as 

described on p. 595. 

(c) Sulphuric acid with platinum electrodes. In aqueous 
solution sulphuric acid provides hydrogen ions and sulphate ions: 

H 2 S 04 -> 2 H+ + SO4—. 

At the cathode there is only one type of ion to be discharged, 
namely, hydrogen ions, but at the anode there are sulphate ions, 
SOr-. and hydroxyl ions, OH-. The latter require less electricd 
energy for discharge than the sulphate ions, and hence hydroxyl 
radicals are set free at the anode. The changes which take place 
on electrolysis are therefore : 

At cathode, ; 2H->H2; 

At anode, OH" - e-^OH ; 40H->02 + zHjO; 

and so only the water is decomposed. 

Similarly, water is decomposed when platinum electrodes are 
used in the electrolysis of aqueous solutions of the hydroxides, 
sulphates and nitrates of sodium and potassium. 
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{d) Copper sulphate with copper electrodes. When a solution 
of copper sulphate is electrolysed between copper electrodes, 
cupric ions, Cu+^ are discharged at the cathode, whilst at the 
anode copper atoms shed electrons and pass into solution as 

cupric ions: 

At cathode, Cu++ + ze=- Cu. 

At anode, Cu - = Cu++. 

Electrolysis therefore merely results in the transference of copper 

atoms from the anode to the cathode. 

Since the electrical conductivity of copper is lowered disastrously 
by the presence of certain impurities, the crude metal is rehned by 


Current out- 
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electrolysis. A block of crude copper is made the anode to a sheet 
of pure copper which acts as cathode in a bath of copper sulphate 
solution. On passing a current through the cell, copper is transferred 
from the anode to the cathode, whilst the impurities form a sludge 
at the bottom of the cell. This sludge is worked up for gold and 
silver residues which sometimes almost pay for the cost of refining. 

Electroplating. One of the most important applications of 
electrolysis is the plating of metals. Thus iron is protected from 
rusting by coating it with a layer of zinc (so-called galvanising), 
or chromium if a particularly lustrous finish is required. In 
each case the iron is scrupulously cleaned and then made the 
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cathode in a solution of a suitable compound of the mewl, ’aus, 
for galvanising, a solution of zinc sulphate is used, and for 

chromium plating, chromic acid. , ■ ■ j , 

Although chromium plating is very hard, that is, it does not 

scratch easily, and has a silvery brilliance which does not stain, it 
is somewhat porous to water and air, and therefore it is usual to 
give an “ undercoat ” of nickel plating first of all. Chroimum 
plating is now very popular for motor-car radiators and bum¬ 
pers, the bright parts of bicycles, and for taps, knobs and other 

household fittings. ^ , j 

Silver plating on a cheap alloy is used for tableware and a wide 

variety of domestic articles, which otherwise would be much too 

costly for the average household if they were made of sohd silver. 

In the silvering process, the anode is a thin sheet of pure silver, 

the articles to be plated are made the cathode, and the eleettolyte 

is sodium silver cyanide. On electrolysis, silver is dissolved from 

the anode and deposited on the cathode. 

The strength of acids and bases. We have already pointed 

out in an earlier paragraph (p. 569) that both hydrochloric and 

sulphuric acids dissociate in aqueous solution into free ions, as 

represented by the equations : 

HCl ^ H+ + C 1 -, H0SO4 ^ zH+ + SO". 

Since other acids also dissociate in aqueous solution to give 
hydrogen ions, the fundamental properties of dilute acids, such 
as their reactions with indicators and bases, are attributed to 
hydrogen ions. For this reason it is customary to define an aad 
as a Sfihstatjce which dissociates to ffve i^drogen ions in aqueous solution. 
Similarly it is usual to compare the strengths of acids by the degree 
to which they are dissociated into free ions. Thus a solution of 
hydrochloric acid, containing one gram molecular weight of the 
acid in 10 litres, is virtually completely ionised, whilst a solution 
of sulphuric acid, of comparable concentration, is dissociated to 
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the extent of 8o°(,, and one of acetic acid, CH3COOH, to the 
extent of 5 ® q. Hence hydrochloric acid is said to be a strong acid^ 
sulphuric acid a fairly strong acid, and acetic acid a weak acid. 
The “ strength ” of an acid must not be confused with the con¬ 
centration ofhs solution, which is expressed either as a percentage 
by weight or in gram-equivalents per litre (p. 482). 

The fundamental properties of bases are attributed to the fact 
that they yield hydroxyl ions in aqueous solution. For example, 
sodium hydroxide is regarded as a very strong base, because it is 
almost completely dissociated into free ions in aqueous solution : 

NaOH-.-Na+ + OH-, 

whilst ammonium hydroxide is said to be a weak base, because it 
is only slightly ionised in aqueous solution : 

NH^OH^NH^ + OH- 

lonic theory of reactions. Since acids, bases and salts are 
dissociated into free ions in aqueous solution, it is customary to 
regard the chemical changes which they undergo in solution as 
taking place between ions. Thus the neutraUsation of caustic 
soda by hydrochloric acid probably proceeds according to the 

ionic equation : 

Na+ 4- OH- -I- H+ + Cl- = Na+ -h Cl" H gO ; 


or more simply, 


0H--^H+ = H20, 


because sodium and chlorine ions occur on both sides of the 

equation, and therefore cancel out. 

Similarly, the displacement of hydrogen from an acid by the 
action of a metal is really an ionic change. Thus, when zinc is 
attacked by dilute sulphuric acid, 

7.n + H 2 SO 4 = ZnS 04 -f H 2 , 


the fundamental change is : 

Zn + 2H+ = Zn++ -t- Hg. 
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The sulphate radical, SOr”. does not appear in this equation 
because it undergoes no change during the reaction, that is, both 
sulphuric acid and zinc sulphate are dissociated into free ions. 

The same considerations apply to the double decomposition 
of salts in solution. For example, the precipitation of silver 
chloride by the addition of sodium chloride to a solution of 

silver nitrate, 

AgNOs 4 - NaCl = AgCl + NaNOj, 
can be represented by the ionic equation, 

Ag+ + NO3- + Na+ + Cl' = Ag+Cl- + Na+ + NO3-, 

ppt. 

which amounts to the simple change : 

Ag+ + Cl- = Ag+Cl- 

ppt. 

Ionic theory of oxidation and reduction. The meaning of 
the terms oxidation and reduction have been discussed in detail 
on pp. 172-176, so it is only necessary to consider here those 
oxidations and reductions which involve ionic changes. For 
instance, the oxidation of a solution of ferrous chloride by 
chlorine, which is frequently represented by the equation : 

zFeClg + CI2 = zFeCls, 

really amounts to the following ionic change : 

2Fe++ + Clg = 2Fe+++ + zCl", 

because ferrous chloride gives ferrous ions, Fe++, and ferric 
chloride gives ferric ions, Fe'‘'+'*', in solution. Since all atoms 
are known to contain electrons (the unit of negative electricity, 
p. 570), it is clear that one chlorine molecule has been converted 
into two chloride ions by the acquisition of two electrons from 
two ferrous ions. The iron, which has been oxidised from the 
ferrous to the ferric state, has therefore losf electrons, whilst the 
chlorine, which has been reduced, has gained electrons. 

This “ ionic ” interpretation of oxidation and reduction can 
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only be applied as a rule to reactions which involve either metals, 
metallic salts or the halogens. Thus the oxidation of hydrogen 
sulphide by sulphur dioxide is most conveniently represented by 

a molecular equation, viz. 

2H2S+S02 = 5S + 2H20. 

But when chlorine water is used in place of sulphur dioxide, the 
oxidation of the hydrogen sulphide, viz. 

H2S + Cla = S + 2HCI, 

may be expressed by the ionic equation, 

S + CI2 = S + 2CI”, 

which represents the sulphide ion as giving two electrons to the 
chlorine molecule. 

We may therefore conclude that some oxidations take place by 
the removal of electrons, and, conversely, that some reductions 
take place by the addition of electrons, i.e. some substances (e.g. 
the halogens) have oxidising properties in virtue of the fact that 
they can acquire electrons, whilst some other substances behave 
as reducing agents because they can give electrons. 

QUESTIONS ON CHAPTER XXVII 

X. the. ttxmselectrolytejon, anode cathode. 

What happens during the electrolysis of the following, what are the 
products of the reactions, and at which electrodes do those products 

appear: . . , j 

(a) Dilute sulphuric acid, using platinum electrodes ; 

Dilute sulphuric acid, using lead electrodes; 

(c) Concentrated hydrochloric acid, using carbon electrodes. 

•' (O. and C.S.C.) 

2 . What are the laws of electrolysis? Describeexperiments that 

you would carry out to illustrate them. (O. and C.b.C.; 

3. State Faraday’s laws of electrolysis. a a-\ .. 

Two voltameters containing respectively copper sulphate and dilute 

sulphuric acid are connected in series and a current passed, aiculate 




Srina^ar^ 
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the volume of dry hydrogen measured at 21® C. and 750 mm. liberated 

in the second vessel in the same time as i gram of copper is 

from the copper sulphate [Cu = 63’6]. (C.S.C.) 

4. State and explain what may be obsek-ved when an electric current 

is passed between platinum electrodes immersed in the following 
liquids : (a) dilute caustic soda, (b) concentrated hydrochloric acid, 
(r) a strong solution of common salt. (L.G.S.C.) 

5. State what are the final products obtained at each electrode when 
a current of electricity is passed through a solution of copper sulphate 
using (a) platinum electrodes, (/») copper electrodes. 

Describe clearly how metallic sodium is obtained by electrolysis 
from sodium hydroxide. (J.M.B.S.C.) 

*6. Describe and explain how, by electrolysis, (a) a metal may be 
obtained from a fused salt, (b) a non-metal may be obtained from an 
aaueous solution of a salt. Sketch the apparatus in both cases. 

^ (O. and C.S.C.) 


• For revision. 
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THE CLASSIFICATION OF ELEMENTS 
METALS AND NON-METALS 

Metals and non-metals. Elements may be classified into two 
groups, namely, metals and non-metals. The chief characteristic 
which distinguishes a metal from a non-metal is the fact that the 
former can form salts by the displacement, directly or indirectly, 
of the hydrogen of an acid. The majority of metals also differ 
from non-metals in several other respects, as described below, 
but these differences are not universally true, because the pro¬ 
perties of the elements in either group show wide variations. 
For this reason the student should remember that the following 
generalisations are only approximate and not rigid rules. 

Physical properties of metals and non-metals, {a) Melt¬ 
ing points, boiling points and specific gravities. The melting 
points. boiUng points and specific gravities of the non-metals are 

usually low whilst those ofthe metals are generally high. Thus the 

non-metals,' oxygen, hydrogen, nitrogen and chlorine are gases, 
whilst sulphur, phosphorus and iodine are soUds which melt below 
150°. and, with the exception of iodine, have specific gravities less 
than 2 - 5. bn the other hand, the majority of metals melt above 5 00°, 
have boiling points of over 1000°, and specific gravities which arc 
often considerably greater than 5 ; but mercury is a liquid, and 
sodium and potassium melt below 100° and are lighter than water. 

(b) Lustre, electrical and thermal conductivities. Non-metals 
are usuaUy without lustre and are bad conductors of heat and 
electricity, whilst metals are lustrous and generally good con¬ 
ductors of both heat and electricity. 

379 
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(f) Malleability and ductUity. Metals are usually malleable and 
ductile solids^ that is, they can be beaten out into thin sheets 
(malleable) and drawn out into wire (ductile) without breaking, 
e.g. gold can be beaten into sheets of 0.00009 mm. thickness. On 
the other hand, non-metals are too brittle to be either malleable 
or ductile in the solid state. 

Chemical properties of metals and non-metals, (a) 
Ionisation. Metals can yield positive ions, whilst non-metals, 
with the exception of hydrogen, which is unique in forming both 
positive and negative ions, form negative ions or no ions at all. 
Thus aqueous solutions of salts contain “ metallic cations and 
non-metallic ” anions; for example, a solution of sodium 
chloride contains sodium ions, Na"*", and chlorine ions. Cl", i.e. the 
metal occurs as a positive ion and the non-metal as a negative ion. 

{h) Behaviour towards acids. Many metals liberate hydrogen 
from an acid to form a salt, but some metals, such as copper and 
lead, are only attacked by oxidising acids, and then give a salt, 
water and other products. On the other hand, non-metals are 
only attacked by acids which are also powerful oxidising or 
reducing agents, and then the non-metal is converted into an 
oxide or hydride but into a salt. Thus zinc liberates hydrogen 
from dilute sulphuric acid and forms zinc sulphate, 

Zn + HjSOi = ZnSO^ -i- Hj, 

whilst amorphous carbon, a non-metal, is attacked by only hot 
concentrated sulphuric acid, which oxidises it to carbon dioxide : 

C -H 2H2SO4 = CO2 -I- 2SO2 2H2O. 

(f) Oxides. One of the most distinctive features of the metals 
is that they form at least one oxide which has basic properties, 
whilst the oxides of the non-metals are either acidic or neutral. 
Thus copper oxide is a basic oxide because it reacts with adds to 
form a salt and water, 

CuO + H2SO4 =CuS04 -l-HjO, 
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whilst sulphur trioxide, SO3, is an acidic oxide because it unites 
with water to form an acid : 

SOa + H^O^H^SO,. 

{d) Halides. Metals unite directly with the halogens (fluorine, 
chlorine, bromine and iodine) to form compounds which have 
the properties of salts, i.e. they are crystalUne solids which dis¬ 
solve in water to give free metallic cations (positive ions) and 
halide anions, Cl", Br-, etc. Non-metals form halides which are 
not salts, and the majority of them are decomposed by water into 
a halogen acid and other products. 


Summary of the Properties 
Metals 

Physical properties. 

Are solids which usually melt 
above 500®, boil above 1000®, and 
have specific gravities greater 
than 5. Important exceptions are 

mercury (melting point - 39 » 
boiling point 3 ) f), sodium (melt¬ 
ing point 97® and specific gravity 
0-97). Are lustrous, malleable, 
ductile and good conductors of 
heat and electricity. 

Chemical properties. 

(a) Form positive ions, e.g. 
Na+. Ca-H-, Zn++, etc. 

{b) Generally liberate hydrogen 
from a dilute acid, but copper, 
lead and mercury are important 

exceptions. 

(r) Form at least one oxide 
which has basic properties. 

{d ) Compounds with the halo¬ 
gens are salts. 


OF Metals and Non-Metals 
Non-metals 
Physical properties. 

Are gases, liquids or easily 
fusible solids of low specific 
gravity, but carbon melts at 5500® 
and iodine has a specific gravity 
of 4-9. Freeze to non-lustrous, 
brittle solids which are poor 
conductors of heat and elec¬ 
tricity, but iodine is lustrous and 
graphite a fair conductor of 
electricity. 

Chemical properties. 

{a) Form negative ions, with 
the exception of hydrogen, which 
forms both positive and negative 
ions. 

{b) Never liberate hydrogen 
from a dilute acid. 

(r) Form acidic or neutral 
oxides. 

{d ) Compounds with the halo¬ 
gens are not salts. 
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THE ELECTROCHEMICAL SERIES 

Introduction. When a steel penknife is dipped into a solu¬ 
tion of copper sulphate it becomes coated with a layer of copper 
owing to the following chemical change : 

Fe 4- CUSO4 =FeS04 + Cu. 

Since both copper sulphate and ferrous sulphate are almost com¬ 
pletely dissociated in solution into free ions, namely, 

CuS04->Cu++ + SO4—, and FeS04^Fe++ + SO4—, 

it is clear that the above change really amounts to the transference 
of electrons from atoms of iron to atoms of copper, as repre¬ 
sented by the equation : 

Fe + Cu++ = Cu + Fe+'''. 

Iron is therefore said to be more electropositive than copper, 
that is, it shows a greater tendency to form positive ions than 
does copper. Similarly, zinc is more electropositive than tin, 
because it will displace this metal from solutions of its salts, e.g.: 

Zn + SnClj = ZnClg + Sn, 

or more simply : 

Zn 4- Sn++ = Zn+'*' + Sn. 

By means of electrical measurements it has been possible to con¬ 
struct an Electrochemical Series, in which the elements are 
placed in the order ot decreasing electropositiveness. Thus 
Table 7 gives an abbreviated list of this series, only those 
elements being included which are of importance in an elemen¬ 
tary course of chemistr)'. The two elements, potassium and 
sodium, which are at the head of the table, are more electro¬ 
positive than any of the other elements, i.e. they have the greatest 
tendency to form positive ions. Oxygen and chlorine, which 
are at the foot of the table, are the least electropositive or, more 
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correctly, the most electronegative^ since non-metals are character¬ 
ised by a tendency to acquire electrons and form negative ions. 
For this reason a break has been made in the table to show where 

the electronegative non-metals begin. 

Now just as a more electropositive metal will tend to displace 
Table 7. ^ less electropositive metal from its compounds 

The Electro- (e-g- copper is displaced from copper sulphate 
CHEMICAL Series by iron), so a more electronegative non-metal 
Electropositive, will tend to displace a less electroneptive 
Potassium non-metal, as when chlorine displaces iodine 


Sodium 

Calcium 

Magnesium 

Aluminium 

Zinc 

Iron 

Tin 

Lead 

Hydrogen 

Copper 

Mercury 

Silver 

Gold 


from potassium iodide : 

zKl + C\., = iKC\+l2. 

Since potassium iodide and chloride are ionised, 
vi2. K+, I" and Cl', we may represent this dis¬ 
placement by the ionic equation : 

il' + CI 2 = aCl* -H 12- 

Classification of elements according to 
the electrochemical series. The chemical 
properties of an element are largely governed 
by the position which it occupies in the 
electrochemical series. It follows, therefore. 


Electronegative. 
Carbon 
Nitrogen 
Phosphorus 
Sulphur 
Iodine 
Bromine 
Chlorine 
Oxygen 
and sulphur, 
closely related 


that elements which are next or near to one 
another in the series are likely to be similar. 
Thus, although several elements have been 
omitted from Table 7, many important relation¬ 
ships are brought out. For example, potassium 
resembles sodium closely; iron is related to 
both zinc and aluminium; tin and lead are 
alike, as are copper and mercury; phosphorus 
is intermediate in properties between nitrogen 
whilst chlorine, bromine and iodine are very 
In this chapter we are principally concerned 
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with the properties of metals, so that these are mainly considered 
in the ensuing paragraphs. 

The occurrence and extraction of metals. The electro¬ 
chemical series brings out the relationships that exist in the 
natural sources of metals. Thus the most important minerals 
are : the chlorides of potassium and sodium, the carbonates of 
calcium and magnesium, the oxides of aluminium, iron and tin, 
the sulphides of zinc, lead, copper, mercur)' and silver. It is also 
interesting to note that the metals, down to and including 
aluminium, are manufactured by electrolytic methods because of 
the stability of their oxides (see below), whilst the remaining 
metals are extracted by reducing the oxide with carbon, the oxide 
having been obtained, if necessary, by roasting the sulphide in 
air, e.g. : 

zZnS 4 - 5O2 = aZnO 4 - 2SO2, 

ZnO 4- C = Zn 4- CO (p. 412). 

The displacement of hydrogen by metals. We would 
expect that all the metals above hydrogen in Table 7 ought to 
be able to displace this element from water and dilute acids, and 
that the higher the metal is in the series, the more vigorous the 
displacement should be. This is in accord with experimental fact, 
though lead is so near to hydrogen in the table that it is virtually 
without action on water or non-oxidising acids. Thus : 

(i) Potassium and sodium react violently with cold water : 

zK -K2H20=H2 4 - 2 K 0 H, 
zNa 4 - 2H2O =H2 4 - zNaOH, 

and almost explosively with dilute acids, e.g.: 

2Na4-2HCl = 2NaCl4-H2 or 2Na-|-2H+ = 2Na+4-H3. 

The second equation represents more correctly the action of the 
acid (see p. 575), but the “molecular** equation has also been 
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given, since this mode of representation is generally used in 
elementary chemistry. 

Calcium also reacts very vigorously with dilute acids, but the 

action with cold water is much slower : 

Ca + 2H2O + Ca(OH)2 (calcium hydroxideb 

(ii) Magnesium, zinc and iron dissolve readily in dilute acids,e.g., 
Mg + H2S0, = H2 + MgS04 or Mg + = Mg+++ Hj. 

and burn when heated in steam, although they are virtually with- 
out action on cold water : 


Mg + HjO =H^ +MgO, 

In +H2O =H2 +ZnO, 

3Fe + 4H20^4H2 + Fe304. 

The last reaction is reversible, indicating that the nearer a metal 
approaches hydrogen in the electrochemical series, the more 
reluctant it is to displace this element from water and dilute 
acids This is further illustrated by the tardiness with which tin 
dissolves in dilute acids, and by the fact that the oxides of tin 
and lead are easily reduced by heating in hydrogen ; 

Pb0 + H2->Pb + H20. 


(iii) Copper and mercur>' are without action on steam, and, 

like lead, do not dissolve in non-oxidising acids. 

The combination of metals with oxygen. We would 
expect that an electronegative element like oxygen would have a 
grLer affinity (i.e. attraction) for the more e ectropositive metals 
fhan for the less electropositive metals, and that therefore he 
oxides of the former would be more stable than those of the 
latter This is borne out by the fact that potassium, sochum, 
calcium and magnesium readily burn in air and liberate a large 
rrionnt nf heat • zinc and iron burn with difficulty, but lead, 
rapper and mercury are only slowly oxidised, whilst silver is not 
appreciably oxidised even at high temperatures. The relative 
sSiiUty of the oxides is indicated by the fact that only the oxides 
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of the metals below zinc can be reduced by heating in hytogen, 
whilst only those below copper can be decomposed by the mere 

application of heat, e.g.: 

above 500* 

zHgO 2Hg+Oj. 

below 3 JO* 

Combination with other non-metals. The behaviour of 
metals towards other non-metals is roughly similar to their 
behaviour towards oxygen, i.e. the more electroposiuve a metal 
is, the greater is its affinity for a particular non-metal. For 
example, aluminium was formerly manufactured by the action 
of sodium on aluminium chloride : 

5Na + AlCl3=Al + 3NaCl or 3Na + Al+++ = 3Na+ + Al, 
a reaction which is analogous to the displacement of copper from 
copper sulphate by iron : 

Fe+CuS04=Cu + FeS04 or Fe+ Cu++= Cu+Fe++ 
Conversely, a more electronegative element tends to displace a 
less electronegative element, as when chlorine liberates bromine 
from potassium bromide : 

zKBr + Clj^Bra + zKCl or 2B!' + Cl2 = Br2+aQ- 
and bromine liberates iodine from potassium iodide : 

zKI+Bra^Ij + zKBr or 2l--l-Br2=l2 + aBr-. 

HISTORICAL NOTES 

Lavoisier’s classification of elements. The isolation of oxygen 
and the discovery of the composite character of water was quickly 
followed by a first attempt by Lavoisier, in 1789, to classify the 
elements. The chief feature of his classification was the division of 
elements into metals and non-metals, based on the property of the 
former to give basic oxides and the latter to give acidic oxides. 

Lavoisier’s classification was limited by the fact that less than thirty 
elements were known at the time, and some supposed elements, like 
silica, SiOj, were merely refractory oxides. The discovery and isola- 
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tion of the alkaU metals (p. 400) and the halogens (p. 257). 'Within the 
next forty years, led to the recognition of small groups of closely re¬ 
lated elements. Thus Dobereiner (1829) uas able to point to the 
existence of triads or groups of three related elements, the atomic 
weight of the middle element being the mean of the atomic weights ot 

the other two. For example : 

C 1 = 35 - 5 , Br = 8o, 1 = 127. Mean of Cl and I = 81. 

Ca=4o Sr = 88, Ba=i 37 . Mean of Ca and Ba = 88|. 

When the confusion as to the correct atomic xve.ghts of elements 
had been cleared up by the recognition of Avogadro s law, 
were made to classify elements according to 

,86, Newlands put forward his law of octaves m whtch he ^ tmed 
that when elements were arranged in ascending order of atonne 
weight, there was a repetition of type after the seventh element 
i e the eighth element resembled the first, the mnth resembled he 
second, and so on. In this way he was able to classify correctly e 

first seventeen elements, viz.: 


H 

1 


1 

Li 

1 

Be 

1 

Na 

1 

j 

Mg 

1 

1 

K 

1 

Ca 


B 

li 


C 

1 

Si 


N 

I 

P 


O 

I 

s 


F 

I 

a 


The law of octaves ^ Russian 

elements and f the same idea, but ex- 

cheimst, horizontal series, by the inclusion 

rftra^ Ttl 

of transitional discovered. Moreover, he predicted 

elements which ) elements with remarkable 

the properties oe two erroneous atomic weights. 

accuracy, and w Mendeleef’s table is given below, and 

A modern “X S -Mch were discovered nearly 

includes '"e -nert gases^^-up^O^consequence 

Ihem Ire dght'vertical groups, in addition to the transitional elements 
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on the right of the table. After Group O, each vertical group is 
divided below the first two elements (the so-called typical elements), 
into a and h sub-groups, in order to emphasize the fact that the valen^ 
is the only common propert)- of a complete group, one of the su^ 
groups being markedly different from the tu-o tj-pical elements at the 
head of the group. Thus the elements, potassium, rubidium and 
caesium in Group la resemble the typical elements, lithium and 
sodium, quite closely, but are totally different, except in valency, from 
copper, silver and gold in Group I b. It is an interesting coincidence 
that the principal valency of the elements in the first six groups is the 
same as their group number (bismuth excepted), whilst although the 
elements in the following groups generaUy exhibit valencies equal to 
their group number, their common valency is obtained by subtracting 
their group number from eight. Another point of interest is that 
whilst the elements in the {a) sub-groups to the left of carbon are 
generally quite similar to their typical elements at the top of the group, 
the reverse is the case to the right of carbon, i.e. the (b) sub-groups are 
more closely related to the typical elements. This relationship is 
indicated by means of thick and dotted arrows in the table. 


Table 8. A Modern Representation of Mendeleef’s 

Periodic Table 


Group: 

O 

1 

11 

111 

IV 

V 

VI 

VII 

VIII 


T i 

Be 

B 


C 
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O 

F 
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A A 

1 
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1 
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1 

1 

Transitional 

Ne 

N 

a 
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Si 

P 


S 

Cl 
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(^) 

(P) 

(«) (^) 
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{^) (^) 
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K 


Ca 

Sc 

Ti 

V 


Cr 

Mn 

Fe. Co. Ni 



1 

Cu 

1 Zn 

1 Ga 


Ge 

1 As 

1 Se 

1 


Kr ' 

Rb 1 

Sr 1 

Yt 1 

2 

1 

Nb 1 


Mo 1 

Ma 1 

Ru . Rh. Pd 


1 


Ag 

1 Cd 

1 


1 Sn 

1 Sb 

1 Te 

1 I 


Xe 

Cs 

1 

Ba 1 

La 1 

Hf 1 

Ta 


W 1 

Re 1 

Os. Ir. Pt 


1 

1 

Au 

1 Hg 

1 T1 


Pb 

Bi 

1 Po 

At 


Rn 

Fr 


Ra 

Ac 

Th 

Pa 


U 
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N.B.—Hydrogen has been omitted because it shows no marked 
relationship to any other element. Fourteen rare earth elements after 

lanthanum have also been omitted. 

The modern periodic table is based on atomic numbers, Vol. II, 
p. 585, since the fundamental properties of an clement depend 
almost exclusively on the value of the nuclear charge and only to a 
small extent on the mass of the atom. The success of the Mendcleef 
classification depends upon the lucky coincidence that the atomic 
weights, with few exceptions, keep in step with the atomic numbers. 


EXPERIMENTS 

Expt. s 5. To construct an electrochemical series. 

Take clean strips of zinc, copper, tin, lead, magnesium, aluminium 
and iron, and note what happens when these metals are placed in 
solutions of zinc sulphate, copper sulphate, stannous chloride, lead 
nitrate, magnesium sulphate, aluminium sulphate, ferrous sulphate, 
and silver nitrate. From your observations arrange the metals in 
descending order of electropositiveness. 


QUESTIONS ON CHAPTER XXVIII 

1. State four respects in which metals differ from non-metals. 
Describe two methods for the preparation of an oxide from a me^ak ^ 

2. Using iron and sulphur as your examples, write account of the 
properties that distinguish a metal from a non-metal. (O. and C.S.C.) 

5. What chemical properties distinguish metals as a class? R^^mbc 
in detail three methods by which a metal may be converted into rts 
oxide. In each case name the metal which you would use. (L.M.) 

. Under what conditions do the following metals react with water: 
f^Aodium ih) calcium, (f) magnesium, {d ) iron, (f) potassium State 
the namre of the products of each reaction and ;« only describe 

a method of regaiLg the metal from the metaihe compound formed 


5. Write a 
how it varies 


short account of the action of acids on metals, poin^g out 
with the acid, the metal, and any other factors. (O.S.L.; 
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6 . If you were given an unknown element and told to classify it as 

either a metal or a non-metal how would you proceed. (. • •; 

7. What is the electrochemical series and of what use is it? 

8 . Write a short essay on the classification of the elements. 





CHAPTER XXIX 
THE ALKALI METALS 

Introduction. Sodium and potassium belong to a family of 
five metals, which are known as the Alkali Metals because 
their hydroxides are the strongest alkaUs. They are soft silvery 
metals, which are remarkable for their lightness, low melting 
points! and extreme chemical reactivity. Thus sodium and potas¬ 
sium are lighter than water, melt below ioo°, and tarnish very 
rapidly in air. They react violently with water to give hydrogen 

and the hydroxide : 

zNa + zH 2O = zNaOH + H 2, 

zK +zH20 = zK 0 H +H2, 

so much heat being Uberated in the last reaction that the potassium 

catches fire. , . n u • 

Sodium and potassium are exclusively monovyent in »» *eir 

romoounds which are usuaUy white solids and freely soluble m 

“Ter Thus even the hydroxides. NaOH and KOH. and ^r- 

bonates, Na3C03 and K.CO,, are very soluble m water, which is 

‘’'‘sochum'’co°mpounds give an intense yeUow coloradon to a 
bunsen flame, whilst those of potassium give a violet colour, and 
this is one of the best tests for distinguishing between them, as 
they are very similar in most of their properties. 

SODIUM. Na = 23-o 

Occurrence of sodium. Sodium is much too reactive an 
element to exist in the free state, and therefore always occurs in 

591 
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combination with other elements. The chloride, NaCl, is by far 
the most extensive and important source of the element, occur¬ 
ring to the extent of 2‘6% by weight in sea-water, as well as in 
several vast beds all over the world. In England important beds 
occur at Northwich in Cheshire, Droitwich in Worcestershire, 

and Middlesbrough in Yorkshire. 

Sodium nitrate, NaNOg, occurs in the deserts of Chile and is 
known as Chile Saltpetre; it is important as a nitrogenous 
fertiliser (p. 337). Sodium carbonate, NajCOg, is found in certain 

salt lakes. 

Manufacture of sodium. Sodium is now manufactured by 



4- 


Fig. 76. Diagram of Down’s cell for the manufacture of sodium. 

the electrolysis of fused sodium chloride in a Down*s cell, Fig. 76 . 
Sodium chloride, together with sufficient anhydrous sodium 
carbonate to lower the melting point of the salt from 800 ° C. to 
650 ® C., is electrolysed in an iron vessel lined with fire bricks. 
Chlorine is liberated at the graphite anode in the centre of the 
cell and is led away by an iron hood which is placed above the 
anode. Sodium is set free as a liquid at the circular iron cathode, 
which surrounds the anode, and since it is much less dense than 
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the molten electrolyte it rises up and is caught by the iron shield 
above the cathode. A pipe from this iron shield then carries the 
metal to the reservoir at the side of the cell. 


At cathode, Na^—Na. 

At anode, Cl“—Cl; aCl^Cl.,. 

This method of manufacturing sodium has now superseded 
the Castner method, in which fused sodium hydroxide (a more 
expensive substance than salt) was electrolysed in an iron bath 
with an iron cathode and nickel anode to give . 


At cathode, Na+->Na. 

At anode, OH”—^OH ; 40H = 2H20 4-Og. 

The water formed at the anode diffused across to the cathode 
and attacked the sodium so that the efficiency of the method was 

reduced. ^ ... 

Properties and uses of sodium. Sodium is a soft silvery 

metal which melts at 97“. and has a specific gravity of 0-97. 

It is an exceedingly reactive element. Thus it decomposes 

water violently, 

aNa +zH20 = 2Na0H +H2, 

and tarnishes rapidly in moist air; it has therefore to be kept in 
the laboratory in paraffin oil. When heated in the air, it burns 
with a bright golden-yellow flame forming sodium peromde : 

zNa +02=Na202. 

It will also burn in chlorine, when heated, to give sodium 


chloride : _ 

zNa +Cl2=2NaCl. 

Sodium is used in the manufacture of sodium cyanide, NaCN, 
and sodium peroxide, Na,0„ and in the preparation of an alloy 
with lead which is used for making lead tetra-ethyl for anti-knock 

petrols. 
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COMPOUNDS OF SODIUM 

Sodium oxide, Nzfi, is obtained as a white solid when sodium 
is burnt in a limited supply of air. It reacts violently with water 
to give sodium hydroxide : 

NajO + HjO = zNaOH. 

Sodium peroxide, NajO^, is manufactured by burning sodium 
in air freed of moisture and carbon dioxide. It is a pale yellow 
solid which reacts with dilute acids to give hydrogen peroxide, 

Na^Oo +H2S0^ =Na2SO, + HPj, 
and is used in industry for this purpose. With water it reacts to 
give sodium hydroxide and oxygen, 

zNagOa + 2H2O = 4 NaOH + O2, 

a reaction which is sometimes employed in the laboratory for 
making oxygen. 

Preparation of sodium hydroxide, (a) From sodium car¬ 
bonate. A large quantity of sodium hydroxide is manufactured 
by the double decomposition of a 10% solution of sodium car¬ 
bonate with slaked lime, when calcium carbonate is precipitated, 
leaving a dilute solution of sodium hydroxide : 

Na^COa -h a(OH)2 ^ zNaOH + CaCOj. 

The reaction is reversible, as shown by the double arrows, but 
the reverse reaction is negligible when a hot dilute solution of 
sodium carbonate is used. 

The solution of sodium carbonate is placed in an iron vessel 
and lumps of quicklime are added; the latter react with water to 
form slaked lime : 

Ca0-hH20=Ca(0H)2, 

which then passes into solution and is precipitated as chalk, 
CaCOg. The slaking of the lime helps to heat the mixture, which 
is stirred and maintained at 100® by blowing in steam. The sludge 
of chalk and excess of slaked lime is allowed to settle, and the 


SODIUM HYDROXIDE 


395 


clear caustic liquid is concentrated in vacuum pans, when the 
impurities crystallise out. The concentrated liquor is then heated 
in iron pans to drive off the residual water and leave fused caustic 
soda, which is run into iron drums and left to solidify. 

{h) From sodium chloride by electrolysis. Sodium hydroxide is 
manufactured on a very big scale by the electrolysis of a solution 

of sodium chloride. 

The main problems of this electrolysis are (i) to separate the 
chlorine so that it does not interact with the caustic soda, (ii) to 
convert the chlorine into saleable products, and (iii) to prevent 
as far as possible the contamination of the caustic soda by the 

brine. . n i 

Several different cells are in use. but tor our purpose it will be 

sufficient to give a brief outline of the modified astner-Kellner 
process which is depicted in Fig. 77 - 



F,o. 77. Manufacture of caustic soda by the electrolysis of brine. 

In this process a stream of brine is electrolysed between 
graphite anodes and a thin layer of mercury, which rests on the 
floor of the ceU and acts as the cathode. Chlorine is given off 
at the anodes but the sodium, which is liberated at the cathode 
unites with the mercury to form a liquid amalgam, NaHg„ which 
is continuously run out of the cell into another ce where it 
reacts with water to give sodium hydroxide, mercury and hydrogen; 

2NaHg. + zHjO = aNaOH + H, + 2xHg. 

The mercury is then sent back to the first cell. 
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The electrolysis of the brine may therefore be represented by the 
scheme : 

+ 

Solution I Anode 

Na^Na+ C 1 --^C 1 I Chlorine atoms unite 
Na-<-Na+ C 1 -'>C 1 I to form chlorine mole- 

I cules which are given 
I off as a gas : 

I 2CUCI2 

The Castner-Kellner process is said to be more expensive than 
the other electrolytic processes, as a large amount of mercury 
has to be used for each cell and a small fraction of it is lost per 
annum ; but it produces the purest form of caustic soda. The 
hydrogen and chlorine are valuable by-products, though in 
recent years the output of electrolytic caustic soda has been 
limited actually by the market for chlorine and its derivatives. 

Properties of sodium hydroxide. Sodium hydroxide is a 
white crystalline solid which is so soluble in water (63-5 grams 
NaOH in 100 grams water at 15°) that it deliquesces on exposure 
to the air : but the deliquescence is only temporary as the carbon 
dioxide in the atmosphere converts the liquid into solid sodium 

carbonate, NajCOg, HgO. 

A concentrated solution of sodium hydroxide is a highly 
caustic liquid (hence the alternative name caustic soda ), which 
rapidly disintegrates animal and vegetable tissues, and slowly 

dissolves even glass and porcelain. 

Sodium hydroxide is a very strong base. Thus in solution it is 
strongly alkaline to all indicators and reacts with acids to form a 
salt and water, e.g.: 

NaOH + HQ=NaQ + H^O. 

It displaces ammonia from ammonium salts, 

NH4CI + NaOH =NH3 -h NaQ + H^O, 


Cathode 

Sodium reacts with 
mercury to form sod¬ 
ium amalgam, NaHg^ 
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and precipitates many metals as hydroxides, when added to 
solutions of their salts : 

CuSOj + aNaOH =Cu(OH)2 4-Na2SO,,. 

It reacts with amphoteric oxides and hydroxides to give a salt 
and water; for example, if sodium hydroxide is added gradually 
to a solution of zinc sulphate, zinc hydroxide is first precipitated 
and then redissolved as sodium zincate : 

ZnSO, + 2NaOH =Na,SO, +Zn(OH), 1 , zinc hydroxide ; 
Zn(OH), + 2NaOH = 2HP + Na,ZnOo, sodium zincate. 
The same compound is also formed when metallic zinc is heated 
with a strong solution of caustic soda, and hydrogen is given off 

as a gas: „ ^ t » 

zNaOH + Zn = Na ^ZnO ^ + 

The reactions of caustic soda with the halogens and phosphorus 

are described on pp. 245 355 * ., • j • 

Uses of sodium hydroxide. Sodium hydroxide is used in 

the manufacture of sodium (p. 392), soaps (Part III., p. 667), paper 

(Part III., p. 677), artificial silk and dyes. It is also used in the 

purification of bauxite for the manufacture of aluminium, and 

for the preparation of sodium hypochlorite, NaClO, for 


bleaching purposes. , . 

Sodium carbonate, Na,CO„ is manufactured m immense 

quantities by the Solvay process (p. 199)- When it is crystal¬ 
lised from water below 32° it separates as the decahydrate, so 
called Washing Soda, NajCO^ioHA which slowly effloresces 

in air and yields the monohydrate, NajCOj.HjO. 

The properties and uses of sodium carbonate have already 

been discussed in an earUer chapter (p. 201) and it is only neces¬ 
sary to emphasise here the fact that it resembles potassium car¬ 
bonate in the foUo wing respects ; 

(i) It dissolves in water to give an alkaline solution (p. 201;. 

(ii) It is very stable towards heat. 
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(lii) It reacts with carbon dioxide and water to form a less 
soluble bicarbonate, 

Na^COa + CO2 + H2O ^ aNaHCOa, 

which is stable at ordinary’ temperatures but is decomposed back 
into the carbonate by heating, as represented by the lower arrow 
in the above equation. 

Sodium nitrate, NaNOg, has already been described (pp. 55 a, 
554) and it is only necessar>' to emphasise here that it is a white 
deliquescent solid, which, like potassium nitrate, decomposes 
into the nitrite and oxygen on strong ignition : 

zNaNOa^aNaNOa + Oj; 
zKNOa-zKNOa + Oa. 

Sodium sulphate, NajSOi, is manufactured by heating 
common salt with concentrated sulphuric acid as described on 

P- 247 > 

zNaCl + HSO, ^Na^SO^ + zHCl. 

It is a white solid which is quite soluble in cold water, from which 
it crystallises as the decahydrate, Na2S04,ioH20. The latter is 
known as Glauber’s Salt and is used as a purgative in medicine, 
whilst the anhydrous salt is used in the manufacture of glass. 

POTASSIUM. K = 59 *i 

Occurrence. The crust of the earth contains approximately 
equal quantities by weight of sodium and potassium, in combina¬ 
tion, of course, with other elements, but the potassium com¬ 
pounds are so widely distributed that there are few economic 
sources of the element. Thus sea water contains less than i % ot 
potassium salts in contrast to nearly 3% of sodium salts. There 
are, however, fairly extensive deposits of potassium chloride and 
sulphate in the salt beds of Strassfurt in North Germany. 

Potassium is an essential constituent of all vegetable matter, so 
that cultivated soils must be provided with an adequate supply 
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of the element. The removal of crops from the fields deprives 
the soil of potassium salts, and this has to be made good by the 
addition of potassium chloride as well as of manure and decayed 
vegetable matter. Wood ashes contain an appreciable quantity 
of potassium carbonate and should therefore be saved for the 

garden. 

Preparation and properties of potassium. Potassium is 
prepared in the same way as sodium, which it resembles very 
closely in its properties, though it is chemically more reactive. 
Thus it is a soft silvery metal which melts at 62-3° and has a 
specific gravity of o-86. Its reaction with water is so violent that 
both the hydrogen and the potassium catch fire : 

2K + 2H2O = 2KOH + H2. 

Compounds of potassium. The compounds of potassium 
resemble the corresponding sodium compounds, but are usually 
less soluble and less heavily hydrated, e.g. potassium nitrate is not 
deliquescent like sodium nitrate, and potassium sulphate crystal¬ 
lises from cold water in the anhydrous state, whilst under similar 
conditions sodium sulphate yields the decahydrate, 

NagSOj.ioHjO. 

For this reason the more expensive acid radicals, such as iodide 
and permanganate, are prepared as potassium rather than as 
sodium salts. References to important potassium salts are given 

below; 

Potassium chlorate, KCIO3, p. 2 j 6 . 

Potassium chromate, K^CrO^, p. 476. 

Potassium dichromate, K^CraO,, p. 476 . 

Potassium iodide, KI, p. 271 . 

Potassium nitrate, KNO3, p. 333 . 

Potassium permanganate, KMnO^, p. 474 * 


o 


C.C* ! 
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HISTORICAL NOTES 

Mild and caustic alkalis. Soda, Na^COj, and potash. K^CO^ 
have been known from the earliest times, the former being obtained 
as a natural deposit on the shores of the soda-lakes of Egypt, whils 
the latter was probably first obtained by extractmg the 'vhite ash of 
burnt wood with water in earthenware pots, hence the name Potash 
In the middle ages potash was primarily obtained by the calcination 
of the “ lees ” or sediment (potassium tartrate) obtained in the man - 

Ue pLplradon of solutions of caustic soda, NaOH, and caustic 
potash, KOH, by the action of slaked lime on solutions of soda and 
potash, was described by Geber {circa 800 B.c.) and these caustic 
liquids were used at an early date for the manufacture 0 soap by 
heating with a fat. The relationship of the causuc alkahs, NaOH and 
KOH, to the mild alkalis, NaX03 and K.CO,. was investigated by 

Black as described on p. 210. 

The isolation of the alkali metals. The discovery by Nicholson 
and Carlisle in.1801 that water could be decomposed by an electric 
current, introduced to scientists a new method of elucidating the com¬ 
position of substances such as caustic potash, which had formerly been 
regarded as elements, but which by the close of the eighteenth century 
were suspected of being compounds. Thus Davy m his Bakerian 
lecture of 1806. after describing “ a number of decompositions and 
chemical changes produced by electricity”, ventured to predict that 
the new methods of investigation promised to lead to a more intimate 
knowledge than had hitherto been obtained, concenung the true 

elements of bodies. , . r 1 • 

In the following year Davy found that the electrolysis of solutions 

of caustic soda and potash merely resulted in the decomposition of 

the water ; he therefore passed the current through causDc potash, 

which had been fused in a platinum spoon by heating with a spirit 

lamp, when “a most intense light w'as exhibited at the negative 

wire, and a column of flame, which seemed to be owing to the 

development of combustible matter, arose from the point of contact . 

The caustic potash had been heated to such an extent that the hberated 
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potassium burnt in the air. This difficulty was overcome when 
he employed “ electricity as the common agent for fusion and decom¬ 
position , r f 

” A small piece of pure potash, which had been exposed for a few 

seconds to the atmosphere, so as to give conducting power to the 
surface was placed upon an insulated disc of platina, connected with 
the negative side of the battery ... and a platina wire, communicating 
with the positive side, was brought in contact with the upper surface 
of the alkali. The whole apparatus was m the open atmosphere. 

“ Under these circumstances a vivid action was soon observed to 
take place. The potash began to fuse at both its points of electrisation. 
There was a violent effervescence at the upper surface ; at the lower 
or negative surface, there was no liberation of elastic fluid ; but small 
globules having a high metallic lustre, and being precisely similar m 
visible characters to quicksilver, appeared, some of which burnt with 
explosion and bright flame as soon as they were formed and others 
reLined, and were merely tarnished, and covered by a white 

film which formed on their surfaces.” (AC.R. VI, 8.) 

Daw next isolated a similar substance by the electrolysis of fused 
caustic soda. He investigated the properties of both of <hese new 
bodies and noted that apart from their small densities 'hey had the 
properties of metals. He therefore proposed that they should be 
called potassium and sodium because “ whatever changes of theory, 
with regard to the composition of bodies, may hereafter take place 
these terms can scarcely express an error ; for they may be conader^d 
as implying simply metals produced from potash and soda. (A.C.K. 

The alkaline earth metals. In . 808 Davy succeeded in isolating 
a new series of metals from the so-called alkaline earths magnesia 
MgO lime & 0 , strontia, SrO, and bary-ta. BaO. The hydroxides of 
^hes^metal’s cannot be fused, since on strong ignition they lose water 
and give a very infusible mass of oxide. Davy, however, hit upon tte 
LeLus plan of isolating the metals in the form of an amalgam wi h 
^ rnriT For this purposc the metal oxide was slightly moistened to 
Ta e U a conduc^foT electricity, and then mixed with one-third its 
Tulk of mercuric oxide. On passage of the current, the mercuric oxide 
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was first reduced to mercury, and then the alkaline earth metal was 
liberated and formed an amalgam with it. The mercury in the amalgam 
was distilled off in a bent tube, which was filled with naphtha vapour, 
and blown out at the extremities to form a retort and receiver respec¬ 
tively. The air in the tube had to be replaced by an inert gas such as 
naphtha vapour because otherwise the alkaline earth metals were 
oxidised. Davy named these metals barium, strontium, calcium and 
magnesium, and showed that they were silvery white in colour and 

intensely reactive. 

EXPERIMENTS 

Expt. 56 . To investigate the properties of sodium hydroxide and 
potassium hydroxide. 

(a) Place a few pellets of dry sodium hydroxide on a watch glass. 
Note the condition of the pellets after a few minutes and again after 
a week, then remove a little of the outer crust and act on it with 

dilute hydrochloric acid ; what gas is evolved? 

(h) Weigh out about 10 grams of sodium hydroxide into a beaker 
and add 100 c.c. of water: is heat evolved? When the solid has dis¬ 
solved, add portions of the solution to test-tubes containing ; (i) red 
litmus’solution; (ii) methyl orange; (iii) phenolphthalein; (iv) 
copper sulphate solution; (v) zinc sulphate solution—add drop by 
drop until no further change is obser\'ed ; (vi) solid ammonium 
chloride—heat and identify the gas; (vii) aluminium turnings—heat 
and identify the gas. 

Rub a little of the sodium hydroxide betw'een the fingers, then wash 
it off under the tap ; what did it feel like? 

Repeat the above experiments, using potassium hydroxide. 

QUESTIONS ON CHAPTER XXIX 

1. Give iwo physical differences and fwo chemical differences be¬ 
tween non-metals and metals. j • j \ 

Describe briefly the preparation of caustic soda (sodium hydroxide) 

from {a) sodium carbonate, (b) sodium chloride. (C.W.B.S.C.) 

2. Describe a method for the preparation of sodium hydroxide from 
sodium chloride. 


QUESTIONS 4‘^3 

Give an account of the reaction of sodium hydroxide with (a) carbon 
dioxide, (Z») zinc, (f) a solution of zinc sulphate. 

Give the equations in each case. (C.S.C.) 

3. Describe what takes place in the interaction of aqueous sodium 

hydroxide with each of the following : chlorine, sulphur dioxide, 
ammonium chloride, ferric chloride solution. Represent the reactions 
by equations. (C.S.C) 

4. Give an outline of the method of manufacturing sodium car¬ 
bonate. Mention the chief uses of this substance. Explain how you 

would convert sodium carbonate into sodium bicarbonate. 

(O. and C.S.C.) 

5. Describe briefly how you would prepare frorn sodium carbonate 

small specimens of {a) sodium bicarbonate, {b) sodium hydrox^^e. In 

each case state how you would show that you had succeeded. (O.S.C.) 

6. Starting from sodium hydroxide, describe how you would obtain 

solid specimens of {a) normal sodium carbonate, (/») sodium bi¬ 
carbonate, (c) normal sodium sulphate, {d) sodium hydrogen sul¬ 
phate. (O- C.S.C.) 

7 Describe carefully what happens when {a) sodium, {b) sodium 
hydroxide, and (c) washing soda are exposed to the atmosphere. 

8. What is the action of heat on {a) sodium hydroxide, {b) washing 
soda, (c) potassium bicarbonate, {d) potassium nitrate? 



CHAPTER XXX 

CALCIUM AND ITS COMPOUNDS 
CALCIUM, a = 40 -1 

Occurrence of calcium. Calcium is too reactive an element to 
occur in the free state, but it is very extensively distributed in 
combination with other elements. Thus, most igneous rocks 
contain large quantities of calcium silicates, and enormous de¬ 
posits of calcium carbonate, CaCOj, occur as Chalk, Lime¬ 
stone and Marble, whilst the double carbonate, Dolomite, 
CaCOg.MgCOg, is the main constituent of some mountain ranges. 
Iceland Spar is a very pure crystalline form of calcium carbon¬ 
ate. Other important minerals are Gypsum, CaS04,2H20, and 
Anhydrite, QSO^, Fluorspar, CaF^, and Phosphates, 

e.g. Ca3(P04)2. 

Preparation and properties of calcium. Calcium is m^u- 
factured by the electrolysis of fused calcium chloride, but is of 
little industrial importance. It is a grey-white malleable metal 
which is about as hard as tin ; it melts at 8 io® and has the low 
specific gravity of 1-5 5. It is a reactive metal chemically, though 
not so reactive as sodium. Thus it tarnishes quite rapidly in air, 
and, when heated, burns to the oxide, CaO, and nitride, CajNg 
(cf. magnesium, p. 411)- It reacts fairly vigorously with cold 
water to form calcium hydroxide and hydrogen, 

a + zH ,0 = Ca(OH) 2 + H 2, 

and dissolves rapidly in dilute acids to give a salt and hydrogen: 

Ca + 2HCI ^CaClg+H2. 
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QUICKLIME 405 

Calcium oxide or quicklime, CaO, is manufactured by heat¬ 
ing limestone in a lime-kiln : 

CaC 03 =Ca 0 + C02. 

Lumps of Umestone are mixed with about a tenth of ^eir weight 
of coal or coke and charged in at the top of the kiln (Fig. 78), 
which looks rather like a blast-furnace. 

The fuel is ignited at the bottom and gives 
out sufficient heat to bring about the 
decomposidon of the Umestone into quick¬ 
lime and carbon dioxide. The process is 
continuous because the quickUme is with¬ 
drawn from time to time at the bottom of 
the kiln, and fresh suppUes of limestone 
and fuel are added at the top. The carbon 
dioxide is led away by the flue at the 
top and is sometimes utiUsed, as in the 
Solvay process for the manufacture of 
sodium carbonate (p. 199)* The quickUme 
is contaminated by the ashes left from the 
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Fig. 78 . Lime kiln. 


IS contaminaicu uy tnw — • . i r 

fuel, as well as by the impurities m the original limestone, but 
these are of no consequence as pure quickhme is not required 
for general industrial and agricultural purposes. A purer product 
may be obtained in the laboratory by igmting Icel.wd Sp.ar, 
pure crystalline variety of calcium carbonate, in a muffle furnace. 
^ Calcium oxide is a white amorphous (i.e. non-crystalhne) sub¬ 
stance which is very infusible (melting point ana 257° ); ^ hen 
h dted in an oxyhydrogen flame it emits a brilliant white light, 
known as Lixielight, which was formeriy used for illuminating 
the theatre stage—hence the expression m the limelight . 

When quicklime is sprinkled with water, it becomes intensely 
hot, and ^pands to a fine powder consisting of calcium hydroxide. 

CaO + HjO =Ca(OH)2. 
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This process is known as Slaking and the product as Slaked 

Lime. . , . 

Calcium hydroxide or slaked lime, Ca(OH)2. is a white solid 

which dissolves slightly in water (o-aj gram in lOO grams of 

water at i s°) to give a strongly alkaline solution known as Lime 

Water. Thus lime water turns red litmus blue, and reacts with 

acids to form a salt and water. 

Its most important use in the laboratory is as a test for carbon 
dioxide, which turns it mUky owing to the precipitation of chalk : 

Ca(OH), + COj = CaCOa + Hfi. 

Slaked lime is employed in agriculture for improving the tilth 
of the soil as well as for providing a supply of calcium for the 
crops. It is also used in the manufacture of sodium hydroxide 
(p. 594) and bleaching powder (p. 254), in the recovery of 
ammonia in the ammonia-soda process (p. 200), in the purification 
of coal gas and sugar, and in the production of mortar and plaster. 

Mortar and cement. Mortar is made by mixing slaked lime 
into a thick paste with three or four parts of sand and a little 
water. The product sets through loss of water, and gradually 
hardens owing to the action of the carbon dioxide in the atmo¬ 


sphere : 


Ca(OH) 2 + CO 2 = CaCO 3 + H ^O, 


but this conversion to calcium carbonate is very slow, except on 
the surface, so that mortar dating from Roman times still contains 

appreciable quantities of slaked lime. 

Plaster is made by mixing slaked lime with sufficient water to 
make it into a thick paste, and cow’s hair is added as a binder. 
Setting and hardening take place in the same way as in the case 
of mortar, and the hardening process, viz., 

a(OH) 2 CO2=CaCOj + H2O, 
is, of course, largely responsible for the “ sweating ” of the walls 
in a newly-built house. New plaster should be allowed to harden 
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for at least a year before it is papered, otherwise the paper will be 
loosened by the “ sweating ” and attacked by the free slaked lime 
in the surface of the plaster. 

Portland cement is made by heating chalk or limestone with 
clay in a rotating kiln, and grinding the resulting “ clinker ” into 
a fine powder. When mixed with water, it sets in the course of a 
few hours into a solid mass, which gets steadily harder over a 
period extending over several years. Setting is due to very 
complex chemical changes which cannot be discussed here. A 
builder economises in cement by diluting it with sand, but this 
is probably unaffected chemically during the setting process. 

Concrete is made by mixing Portland cement with sand and 
gravel, etc., and is known as reinforced concrete, when it is allowed 

to set round a skeleton of steel girders. x 

Calcium carbonate, CaCO,. and the bicarbonate, C^{HCO,h, 

are described on pp. 202, 204. 

Calcium sulphate, CaSO,. ,causes permanent hardness m 
water (p. 151), but is only sparingly soluble, so that it is Precipi¬ 
tated when dilute sulphuric acid or a soluble sulphate is added to 
a strong solution of calcium chloride . 

CaCU + H 2SO4 = CaSOj + 2HCI. 


It occurs naturally as Anhydrite. CaSO,. and Gypsum. 

2H O. The latter is converted into Plaster of 1 aris. 
(Casdjo,H20, by heating in kilns to about 130^ When water is 
added to plaster of Paris it sets to a hard mass of interlocking 

crystals of gypsum : 

(CaS0,)2,H20 -h 5H20->2CaS04,2H20. 

The setting takes place with an expansion in volume, so that 
plaster of Paris is very “suitable” for makmg -sts, smce tt 
^produces the fine features of the mould, i.e. it gives sharp 
caL. It is used in surgery, a mould being made round the 

broken Umb to keep the bones in posiuon. 
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Calcium chloride, CaCl^, is obtained as an almost useless 
bv-product in the manufacture of sodium carbonate (p. 200). 
can be prepared in the laboratot)^ by dissolving marble m dilute 

hydrochloric acid and evaporating to dryness : 

CaCOg + 2HCI = CaCl2 + COj + HgO. 

It is a white solid which is so soluble in water that it is deliques¬ 
cent in ordinary air, and because of its affinity for water it is used 
to dry all gases except ammonia, since the latter reacts with it to 

form the compound, CaCljjSNHg. 

Calcium carbide, CaC^, is manufactured on an enormous 

scale by heating a powdered mixture of^quicklime and coke in an 
electric furnace : 

CaO + 5C = aC2 + CO. 

It is chiefly of interest and value because it reacts with water to 
form acetylene. C^H,, which is fairly easUy converted into other 
organic compounds of considerable commercial value : 

CaCj + 2H2O =Ca(OH )2 + CgHj. 

QUESTIONS ON CHAPTER XXX 

1. Give the names and formulae of some common minerals con¬ 
taining the metal calcium. . , r _ 

Starting with calcium carbonate, indicate how to prepare from it 

quicklime, calcium chloride, and calcium carbide. 

What are the chief constituents of ordinary mortar? Give rwsons 
for the setting of mortar. (C.W.li.b.C.} 

2. Describe and explain what happens when lime water is treated 

with an excess of carbon dioxide. , t e 

From the resulting solution give two methods for the 
carbon-dioxide and two methods for removing the calaum sain (C.S.C.) 

3. How does calcium carbonate occur in nature? Describe quali¬ 

tative and quantitative experiments which you would do m orde^o 
determine the composition of this substance. (L.M.) 

4. If you were given a supply of marble, describe carefully how you 
would prepare from it (ii) a sample of lime water, {b) some calaum 
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chloride suitable for drying gases, (c) a solution showing the 

of temporarily hard water. r ' ‘ 

5. Starting from marble, how would you obtain pure specimens oi 
w calcium oxide, (b) calcium hydroxide, (r) calcium sulphate.- G.te 

the necessar)' experimental details. ( • 




CHAPTER XXXI 
MAGNESIUM AND ZINC 

Introduction. Magnesium and zinc are electropositive and 
lustrous metals which exhibit a valency of two in their compounds. 
In its chemical properties, magnesium is intermediate between 
calcium and zinc ; for example, it tarnishes less readily and dis¬ 
solves less vigorously in dilute acids than does calcium, but is 
more reactive than zinc, so that it can only be used m construc¬ 
tional work when alloyed with other metals. 

Magnesium occurs in considerable quantities as the carbonate, 
MgCOg, often in association with calcium carbonate as Dolom^, 
CaC03,MgC03, whilst the chief zinc mineral is the sulphide, 
Zinc Blende, ZnS, although deposits of the carbonate, ZnCOg, 
arc also known. The sulphate, MgSO^jH^O, which occurs 
naturally as Epsom Salts is very similar to zinc sulphate, 

ZnS04,7H20. 

MAGNESIUM. Mg = 24-5 

Preparation and properties of magnesium. Magnesium is 
usually manufactured, like calcium, by the electrolysis of its fused 
chloride. It is a light silvery-white metal (s.g. 1*7) which is now 
of considerable importance in the manufacture of a variety of 
light alloys for aircraft, motor cars, cameras, etc. These alloys 
contain from 10 to 92% magnesium with other metals such as 
aluminium and zinc. Like calcium, magnesium burns in air with 
a dazzling flame (hence its use in photographic flash powders) to 
form both the oxide and nitride, 

zMg + 02 = zMgO, 

3Mg + N2 = Mg3N2. 


410 
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but, like zinc, it is not attacked by cold water in the absence of 
carbon dioxide, although it will burn when heated in steam. 

Mg + HgO = MgO -f Hj. 

This may be shown by passing steam over a coil of magnesium 
ribbon heated strongly in a boiling tube with a small hole in the 

end, Fig. 78A. A loose 
plug of asbestos wool is 


Safety 

tube 


Hagnesiun 



Hydrogen 

burning 



Steam 

generator 


placed in the front end 
of the tube to protect the 
cork. When the mag¬ 
nesium begins to burn, 
the hydrogen which is 
set free can be lighted at 
the exit hole, provided 
that there is not too large 
an excess of steam. It 
dissolves in dilute acids 
less vigorously than cal¬ 
cium, but more vigor¬ 
ously than zinc, forming 
a salt and hydrogen, e.g. 

with sulphuric acid Action of steam on heated magnesium. 

action is: 

Mg + H,SO, = MgSO, + H, or Mg + = Mg++ + Hj. 

Magnesium oxide, MgO, is prepared as a white powder by 

heating the carbonate : 

MgCOg = MgO + CO2. 

It is sUghtly soluble in water to which it imparts an alkahne 
reaction but it does not slake like quickhme. The hydroxide, 
MgCOH’)^, is precipitated when caustic soda is added to a solution 

of a magnesium salt, 

zNaOH + MgSOi = Na^SO, + MgCOH)^, 
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but, unUke zinc hydroxide, it is not soluble in excess of caustic 

Magnesium carbonate, MgCO,, is precipitated when a solu¬ 
tion of sodium bicarbonate is added to a solution of a magnesium 

salt: 

MgS 04 + zNaHCOa = MgCOg + Na^SO^ + CO^ + Hp. 

If sodium carbonate is used in place of the ^rbonate a basic 
carbonate of variable composition, xMgC03,7Mg(0H)2, 
obtained (compare zinc carbonate). Apart from this, magnesium 
carbonate resembles calcium carbonate closely, and, moreover, 
forms a soluble bicarbonate, Mg(HC03)2> which causes tem¬ 
porary hardness. i * 

Magnesium sulphate, MgSO^yH^O, can be prepared in the 

laboratory by dissolving magnesium turnings in dilute sulphuric 
acid and evaporating the solution to crystallisation. It is iso- 
morphous with zinc sulphate (i.e. crystallises in the same shape), 
ZnS04,7H20, and ferrous sulphate FeSO^yHjO. It is used as 
a purgative in medicine under the name of Epsom Salts. 

7 INr. Zn« 6 i-t 7 


Occurrence and extraction. The principal source of zinc is 
the sulphide. Zinc Blende, ZnS. but the element is also ex¬ 
tracted from its carbonate. Calamine, ZnCOj. These ores are 
first roasted in air to give the oxide, 

2ZnS + 302 = aZnO + zSOg; ZnCOj = ZnO + COj; 

and the sulphur dioxide set free by the roasting of the blende is 
used for making sulphuric acid. The zinc oxide is theri mixed 
with about half its weight of powdered coke or anthracite, and 
placed in fireclay retorts (Fig. 79), which are heated externally 
by means of producer gas. The zinc oxide is reduced to the 

metal. 


ZnO +C=Zn + CO, 
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which distils over and is collected in a clay condenser and iron 
prolong, as shown below. It is important to note that the carbon 
is oxidised to carbon monoxide and not to carbon dioxide be- 
cause zinc oxide is very stable (compare iron, p, 417)- 


ffetorts 


Condensers I'./, 

i\ V 

\i: 


Condensers 


Prolongs 



Prolongs 


Producer Cqs 
Fig. 79. Manufacture of zinc. 

. j c 7 inc is a heavy white metal ot 

Prnnerties and uses of zinc, /.in / 

specific gravity and melting point 419°- I' 

L moist air, being covered with a film of oxide and carbonate. 

When heated strongly it will burn m both air and steam . 

2Zn + Oo = 2 ZnO; Zn+ HjO = ZnO+H2. 

, r n. not attacked by dilute acids, but in the presence 

Sr. 

sulphuric and hydrochloric acids. 

Zn+H2S04 = ZnS04 + H2, 

Zn + 2HCI = ZnCl2 + Hg- 

T -11 okn dissolve in hot concentrated caustic soda giving 

zNaOH-t-Zn^NajZnOj-hHj. 

Zinc is used chiefly for making brass (30% Zn, 70% Cu), and 
for galvanizing iron to prevent it from rusting (p. 4 a 5 )- 
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COMPOUNDS OF ZINC 

Zinc oxide, ZnO, can be prepared in the laboratory by 
heating zinc carbonate: 

ZnC 03 = Zn0 + C02. 

It is manufactured on a large scale by distilling zinc in a current 
of air or steam, and is used principally as a white paint, because 
though it has not such a good covering power as white lead 
paint. 2PbC03,Pb(0H)2, it is not blackened by hydrogen sul¬ 
phide and does not cause poisoning by external contact as does 

the lead paint. 

Like magnesium oxide, zinc oxide can be reduced by heating 
with carbon, 

ZnO+C = Zn + CO. 

but is too stable to be affected by hydrogen. It differs, however, 
from magnesium oxide in that it is amphoteric, i.e. it reacts with 
both acids and alkalis to form salts : 

ZnO + HoSOj = H20 + ZnSO^ (zinc sulphate), 

ZnO 4- zNaOH =H20 +Na2Zn02 (sodium zincate). 

For this reason when an excess of sodium hydroxide is gradually 
added to a solution of a zinc salt, the precipitate of zinc hydroxide, 
which is first formed, redissolves: 

zNaOH + ZnS04 =Na2S04 Zn(OH)2, 
zNaOH + Zn(OH)2 ^NagZnOa + 2H2O. 

Zinc sulphide, ZnS, is obtained as a dirty white precipitate by 
the action of ammonium sulphide on a solution of a zinc salt: 

ZnS04 + (NHJjS = ZnS + (NH4)2S04. 

Like ferrous sulphide, it is soluble in dilute mineral acids. 

Zinc chloride, ZnCIj, is best prepared by heating zinc in 
chlorine or hydrogen chloride gas, 

Zn + Cla=ZnQ2, 

Zn + zHCl=ZnCl2 +H2. 
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because it is a deliquescent solid which is hydrolysed by water. 
It is used in surgery as a caustic, and by plumbers under the name 
of “ killed spirits ”, for cleaning metals before soldering. 

Zinc carbonate, ZnCOj, is prepared, like magnesium carbonate, 
by the addition of sodium bkarbotiate to a solution of a zinc salt, 

ZnSOj + zNaHCOa = ZnCOj + Na,S 04 + COj + HgO. 

Sodium carbonate cannot be used as it precipitates a basic car¬ 
bonate of variable composition. Zinc carbonate behaves hke 
calcium and magnesium carbonates towards heat and dilute 

acids, see p. 201. • .u 

Zinc sulphate, ZnSO^.TH.O, is prepared by dissolving the 

metal, oxide or carbonate in dilute sulphuric acid and evaporating 

to crystallisation. It is isomorphous with magnesium sulphate, 

MgSOj.yHaO, and ferrous sulphate, FeS04,7H,0. 


experiments 

Expt. 57- To investigate the properties of magnesium and its 

wZrr strip of magnesium in air and allow the ash to fall into 
an evaporating basin. Heat the ash with a little water in > test-tube 
and hoM a glass rod. moistened with Nessler’s soluuon, in the mouth 
of the test-tube. What gas is evolved and how do you account for 

^"Xp^ce 2S c.c. of bench dilute (10%) sulphuric acid in a beaker 
and add magnesium turnings until no more will dissolve. . Filter the 
liouid and evaporate to crystallisation. Compare these crystals w th 
those obtained when magnesium carbonate is issolved in » 
quantity of dilute sulphuric acid and evaporated to crystalhsauon. 

(c) Heat a little magnesium oxide with water in a test-tube an^est 
the liquid with Utmus paper. What can you say about the solubility of 

'***0/^’Heat magnesium carbonate in a test-tube fitted with a cork and 
a delivery tube ; test the gas that is evolved with lime water. 
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Expt. 5 8. To investigate the properties of zinc and its compounds. 

(a) Investigate what happens when zinc is (i) heated strong y m an 
open crucible, (ii) warmed with dilute sulphuric acid in a test-tube 
before and after the addition of a few drops of copper sulphate, (in) 

heated with a 10% solution of caustic soda. 

(b) What happens when zinc oxide is heated (1) in a test-mbe, 
(ii) with a blow-pipe on a charcoal block, (in) with dUute sulphuric 

acid, (iv) with a 20solution of caustic soda? 

(f) Dissolve about 2 grams of zinc sulphate in about 20 c.c. of water 

in a boiling tube and pour the solution into four test-tubes <7, ^ a ; 
then add to test-tube : (a) litmus solution ; (b) a solution of ^usUc 
soda, drop by drop, until no further change is observed ; (c) hydrogen 
sulphide, then make acid with dilute sulphuric acid. 

Try to interpret your observations. 

QUESTIONS ON CHAPTER XXXI 

1. Give an account of the occurrence, properties and uses of mag¬ 
nesium and zinc. ., • j 

2. Outline the chemistry of any process by which zinc is obtained 

Given a supply of metallic zinc, how would you (a) determine its 
equivalent weight, (b) prepare and isclali a specimen of cryst^hne^zmc 

sulphate? V' • • • v 

1. Give an account of the physical and chemical propemes “ses 
of zinc. How would you prepare oxide from the s«lphat^ 
Mention two properties of zinc oxide which would distmguish « from 
lime. , (O.b.L.) 

4. Starting from metaUic zinc, describe prefuUy how you would 
prepare reasonably pure specimens of (tf) zinc sulphate, {b) zme car¬ 
The zinc sulphate crystals are found to contain 43-9 per cent, ot 
water of crystalUsation. aiculate the number of molecules of water 
in combination with one molecule of the anhydrous salt. (U.h.t-.) 

e. Describe briefly how, starting with zinc blende (^c sulphide), 
it is possible to obtain («) metallic zinc, {b) crystals of sulphate. 

What is the action of zinc on (i) dilute sulphuric aad, (u) a solution 
of copper sulphate, (iii) an acidified solution of feme chlo^ ^ ^ ^ 
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IRON AND COMPOUNDS 


IRON. Fe = 55-8 

Occurrence. Native iron is found in Disko 
Greenland, and in meteorites, but is too easily corroded 
e.xtensively la the outer crust of the earth, though the inner core 
is though! to contain a large percentage of this metal together 
with nickel. Iron is manufactured exclusively from oxide and 

carbonate ores, such as Haematite. ^"^0” 

and Iron Stone, which contains ferrous carbonate. FeCO,, with 

Tl—i. — 

reducing the oxide or carbonate ores with carbon m a Bla T 
Furnace (Fig. 8o). This is cylindrical in shape with a bulge in 
the lower half; the outer casing is made of steel and the ms de 
is lined with firebricks. The ore, which may have been roasted 
in air to get rid of impurities such as water and sulphur is 
"hargerin at the top of the furnace with the calculated quantity 
of cfke and limestone, CaC03. Air, preheated to 800 , is blown 
■n a! the bottom through pipes called TuviRES, and combines 

with the coke to form carbon monoxide. 


2C + 02 = 2C0, 

which then reduces the iron oxide to iror>.: 

Fe^Oa + 5CO ^ 2Fe + 3CO2. 
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This reduction takes place mainly in the upper and middle 
regions of the furnace, but because it is reversible it is 
not completed unul near the bottom, where there is a very large 
excess of carbon monoxide. The temperature, which is about 
400° C. at the top, rises progressively down the furnace and 
eventuaUy reaches about 1500*^ C. in the region of the tuyeres. I^n 
the lower half of the furnace the iron melts and runs to the 
bottom where it is tapped off from time to time into trucks for 
conveyance to a Bessemer converter, etc. Alternatively, the iro^n 
is run into moulds and allowed to solidify. Since the moulds 



ore end 
limestone 
feed tfucks 


— Cup flrtrf oone furnace mouth 
Exit for 6/fl5t furnace gue 400 

Ore reduced to spongy trao €VCf‘ 


Stag formation SOO^iOOO 

iron fused and carbonised 1200^1300 

Carbon burns to monoxide 7B00 
Tuyeres for blast 
Furnaei hearth 

iniet to tuyeres 


Fic. 8o, Blast furnace for manufacture of pig iron. 


resemble in shape a sow which is being suckled by little pigs, 
the name Pig Iron has been given to the crude iron that is 
obtained from a blast furnace. 

The limestone, which is added with the coke and ore, combines 
with the earthy impurities in the latter to form a fusible slag, 
which floats on top of the molten iron and is tapped off at in¬ 
tervals. 
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The gas leaving the furnace contains a large percentage of 
carbon monoxide (Nj 62%, CO 14^0, COo ia%), owing to the 
reversibility of the reduction, 

Fe^Og + 5CO aFe + 3CO2 

and is therefore used as fuel for heating the Cowter Stoves, and 
raising steam for the mills, etc. The Cowper stoves, which are 
cylindrical in shape and built up of a network of firebricks, 
are first heated to about 900° C. by burning part of the waste 
gas in them ; they are then used to heat up the air which is 
blown in at the bottom of the blast furnace. In this way a con¬ 
siderable saving of fuel is effected. Since all the products of the 
blast furnace, namely molten pig iron, molten slag and gases, are 
removed, the process is continuous and is carried on day and 
night until the furnace requires relining. 

Properties and uses of pig iron. Pig iron contains about 
93% of iron, 3 to 4% of carbon, and smaller quantities of silicon, 
sulphur, phosphorus and manganese. The impurities lower the 
melting point of the iron from 1530° to about 1200^ so that it is 
more easily fusible. It is the cheapest form of iron, and as it 
expands on solidification it is very suitable for making casts, 
hence the alternative name Cast Iron. But pig iron or cast iron 
is brittle so that it can only be used for making things like gutter 
pipes, machine beds, etc., which are not subjected to sudden 
mechanical strains. For this reason a very large proportion of 
the output of pig iron is converted into steel, which does not 

suffer from this defect. 

Manufacture of steel. Steel contains from o*i to 1-5% of 
carbon and practically no sulphur, phosphorus or siUcon, since 
these impurities make it brittle. It is manufactured from pig iron 
by two main processes : 

(a) The Bessemer Process. 

(h) The Siemens-Martin Process. 



Flame 


420 AN INTRODUCTION TO CHEMISTRY 

(a) The Bessemer process. This process depends upon oxi¬ 
dising the impurities by blowing air through molten pig iron con¬ 
tained in a pear-shaped vessel called a Bessemer Converter, 

Fig. 81. The silicon is first oxi¬ 
dised by the air to a slag, and 
liberates so much heat that the 

temperature of the iron rises. Then 
the carbon is oxidised to carbon 
monoxide, which burns with a red 
flame at the mouth of the con¬ 
verter. When the flame dies down, 
indicating that nearly all the carbon 
and other impurities have been 

Fig. Si. Sectional diagram of oxidised, the air-blast is shut off 
Bessemer Converter. nroduct is converted into 



steel by the addition of the calculated quantity of Spiegeletsen, 
an alloy of iron which contains the requisite quantity of carbon 
and sufficient manganese to reduce the small amount of iron 
oxide that has been formed during the blow. The converter is 
lined with siliceous material {acid linwg) unless the pig iron 
contains much phosphorus, it is then lined with calcined dolo¬ 
mite, CaO.MgO {basic lhmig\ and limestone is added to umte 
with the oxidised phosphorus to form Basic Slag. The latter, 
when ground to a fine powder, is a valuable fertiliser on account 
of its containing both soluble phosphate and lime. 

{b) Siemens-Martin process. In this process pig iron and 
scrap steel are melted in the hearth of a furnace (Fig. 82) with 
sufficient oxide of iron to oxidise the impurities, e.g.: 


Fe^Oa -F 3C = zFe -F 3 CO. 

The charge is heated to about 1500° by burning over it a mixture 
of preheated producer gas and air. The preheating is done by 
alternating the fuel plus air and the hot waste gases through the 
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chec^ucr work brick chambers shown on either side of the furnace, 
i.e. one set of chambers arc being heated up by the hot waste 
gases whilst the other set are giving out heat to the producer gas 
and air. In this way it is possible to reach a higher temperature 
in the hearth, as well as to economise in fuel. The furnace is 
lined, like the Bessemer converter, with either an acid lining or 
a basic lining, depending on the quantity of phosphorus that is 



nresent in the pig iron. Carbon and sulphur impurities arc 
Amoved as gasLf whilst siUcon and phosphorus form a slag 

which is tapped from the surface of the steel. 

This process is superior to the Bessemer process since 

(i) it produces a steel of better quality; 

(ii) it converts a larger percentage of pig iron into steel; 

(iii) it uses up scrap steel, of which there is an abundant 
supply • but the product is more expensive than Bessemer steel. 

as extra fuel has to be used for heating the hearth. 

Properties of steel. The properties of steel depend upon its 
composition and heat treatment. Thus, increasing the percentage 
f increases the hardness of the steel, but makes it more 

briSl (less tough). When red-hot steel is suddenly quenched by 
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being plunged into cold water or oil, it becomes very hard and 
brittle, but the brittleness can be diminished considerably by 
tempering, i.e. by heating quenched steel to betv,'een 230° and^30o , 
Thus steel for razor blades is usually tempered at about 230°, and 

that for chisels at about 300®. 

Wrought, or malleable, iron. Wrought iron contains about 
o-z \ of carbon and is prepared by melting pig iron on the hearth 
of a reverberatory furnace (see Fig. 8j, p. 448), which is lined 
with haematite, FejOg. The carbon and other impurities in the 

cast iron are oxidised by the lining, 

FcjOg + 5C = aFe + 3CO, 

and this raises the melting point of the iron so that it begins to 
go pasty. A workman then forms it into lumps, or “ blooms , 
by stirring it with a long iron pole, and the blooms are beaten 

with steam hammers to squeeze out the slag. 

The chief value of wrought iron lies in the fact that it can be 
welded and shaped by hammering at a red heat; it is therefore 
used extensively by blacksmiths. It is tougher than steel, but 
cannot be hardened or tempered like the latter, and as it is more 
expensive it has been largely displaced by steel in the construction 
of bridges, ships, etc. 

Properties of iron. Pure iron is a soft silvery-white metal 
which melts at 1535° and has a specific gravity of 7*9. 

When heated in air it is oxidised to “ smithy scale ”, Fe304, 
and the same oxide is formed when the metal is heated in a 
current of steam: 

3Fe-l-4H20 ^ FcgOj-I-4H2. 

Iron dissolves in dilute acids to give hydrogen and a divalent 

ferrous salt, 

Fe + H2S04+ FeS04 (ferrous sulphate), 

Fe + zHCl ^Ha+FeCU (ferrous chloride). 
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which is easily oxidised to a trivalent ferric salt by the action of 
hydrogen peroxide, chlorine, etc. : 

zFeSO, +H,02 + H2S04 = 2H20 +Fe2(SO^)3 (ferric sulphate), 

zFeCla + CI-i^zFeCla (ferric chloride). 

The last named salt is usually prepared by the direct action of 
chlorine on the heated metal: 

zFe + 3CI2 = aFeClg. 


The action of concentrated nitric acid on iron is of particular 
interest because it renders the metal passive, so that it is not 
corroded by either acids or the atmosphere, and will not displace 
copper from copper sulphate solution. This passivity is attributed 
to the formation of a coherent, but invisible, film of oxide, since 
corrosion begins as soon as the surface is scratched. 

Rusting of iron. The chief drawback to the use of iron is the 
fact that it is rapidly corroded by moist air, unless it is protected 
by a covering of paint, etc. The rust seems to consist of hy¬ 
drated ferric oxide, Fe203,xH20. where x is less than two. 

Rusting is an electrolytic process : at the anode iron atoms 
pass into solution as ferrous ions, Fe-, whilst at the cathode, 
Uich is generally an impurity such as carbon, hydrogen 10ns 
(from the electrolytic dissoaation of water, H2O -H +0 ) 

are discharged. Atmospheric oxygen oxidises the liberated hydro¬ 
gen to water, and thereby prevents the polarisauon of the cell, 
it also oxidises the ferrous hydroxide, formed by the ^nmn of fer¬ 
rous and hydroxyl ions, to a hydrated ferric o^de (rust) wh ch is 
precipitated. These changes may be represented by the equations . 

Fe + 2H+ =Fe++ + H,; Fe++ + aOH" = Fe(OH)2. 

2Fe(OH)2 + p2 = Fe203.xH20 + (2 - x)H20. 

Iron is prevented from rusting by covering its surface with 
paint zinc (galvanised iron), tin or rubber. Galvamsing and 
rnpkting arlarried out by running sheets of .ron, prevtously 
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cleaned in a bath of acid, through molten zinc or tin, and then 
through rollers to squeeze off the surplus metal. Galvanised iron 
is superior to tinplate in that it protects the iron even when the 
surface is broken, whilst under similar conditions the tin accele¬ 
rates the rusting of the iron. This behaviour should be clear 
from the positions of these metals in the electrochemical senes 
(p. 385). Thus zinc is more electropositive than iron and there¬ 
fore dissolves preferentially in the carbonic acid, i.e. it forms the 
negative pole of a galvanic cell in which the iron is the positive 



Zn + 2H2CO3 = Zn(HC03)2 + H2. 


On the other hand iron is more electropositive than tin, so 
that it forms the negative pole when tinplate is scratched. 


COMPOUNDS OF IRON 

Iron forms two series of compounds, namelycorn- 
pounds in which it is divalent, and ferric compounds in which it 

is trivalent, e.g.: 

Ferrous oxide, FeO. Ferric oxide, Fe203. 

Ferrous chloride, FeClj. Ferric chloride, FeClg. 

Ferrous sulphate, FeSO^. Ferric sulphate, Fe 2(804) 3. 


FERROUS COMPOUNDS 

Ferrous oxide, FeO, is obtained as a black powder when ferric 
oxide is heated to 300° in a stream of hydrogen : 

Fe203 4-H2 = 2Fe0 + HA 

On exposure to the air it burns with incandescence giving ferric 
oxide. 

4FeO + 02=zFegOg. 

It is a basic oxide and therefore dissolves in dilute acids to give 
ferrous salts, e.g.: 

FeO + H2SO4=FeS04+H20. 
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Ferrous hydroxide, Fe(OH)2, is obtained as a white precipi¬ 
tate when an alkali is added to a solution of a pure ferrous salt. 

FeSO^ + zNaOH = Fe(OH)2 + 

The precipitate rapidly turns green and then brown, because the 
atmosphere oxidises it to hydrated ferric oxide. 

Ferrous sulphide, FeS, is prepared as a black solid by heating 
an intimate mixture of iron filings and sulphur. It is insoluble 
in water, but dissolves readily in dilute acids with the liberation 

of hydrogen sulphide : 

FeS + 2HCI =FeCl2 + HgS. 

It will be recaUed (p. 286) that this reaction is used for preparing 

hydrogen sulphide in the laboratory. 

Ferrous chloride, FeCl„4H,0, is obtained in pale green 
crystals by dissolving iron in dilute hydrochloric acid and 

evaporating to crystallisation : 

Fe + 2HCI = FeCl2 + Hq. 

The anhydrous salt. FeCl,, is white and has to be prepared by 
heating iron in a stream of dry hydrogen chloride gas, because 
the above hydrate loses hydrogen chloride as weU as water when 

it is heated, i.e. it undergoes hydrolysis ; 

FeCl, + FIjO = Fe(OH)Cl + HCl. 

In solution, ferrous chloride gives the general reactions of 


Ferrous sulphate or green vitriol, FeSO^.yHp, is obtained 
in pale peen crystals by evaporating a solution of iron in dilute 

sulphuric acid : ^ ^^50. =FeSO,+ H,. 

When this hydrate is heated strongly, water is first driven off and 
then the sulphate breaks down into ferric oxide, sulphur dioxide 

and sulphur trioxide ; 

2FeS04 =Fe203 + SO2 + SO3. 
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This decomposition was formerly used for making sulphuric acid, 
hut it is now employed for making pure ferric oxide or roffge, 

FcaOs- , . r 

Ferrous sulphate is chiefly of interest because it can form 

double salts with the sulphates of monovalent metals, including 

ammonium sulphate. For example, ferrous ammonium sulphate, 

FeS04,(NH4)2S04,6H20, is obtained in pale green crystals when 

an equimolecular solution of ferrous sulphate and ammonium 

sulphate is evaporated to crystallisation, Expt. 61, p. 455 * 

FERRIC COMPOUNDS 

Ferric oxide, Fe203, is manufactured by the strong ignition 
of ferrous sulphate: 

2 FeS 04 = Fe203 + S02 + S03. 

It is a deep red solid which is used as a pigment under the name 
of Rouge. It is insoluble in water, but dissolves slowly in hot 
concentrated acids : 

FcgOj + 3H2SO4 = Fe 2 (S 04)3 + 3H2O. 

Ferroso-ferric oxide, or magnetic oxide of iron, Fe304, can 
be prepared by heating iron in steam or air, 

3Fe + 4H20=Fe304 + 4 H 2 , 

and is also obtained when ferric oxide is heated very strongly. 
It is regarded as a compound of ferrous oxide and ferric oxide 
because it dissolves in sulphuric acid to give a mixture of 
ferrous and ferric sulphates : 

Fe304 + 4H2SO4 =FeS 04 + Fe2(S04)3 + 4H2O. 

Ferric chloride, FeCIg, is obtained as a black crystalline subli¬ 
mate when dry chlorine is passed over iron filings heated in a 
hard glass tube (apparatus similar to that in Fig. 84, p. 439): 

2Fe4-3Cl2 = aFeQ3. 

The hydrate, FeCl3,6H20 can be prepared by oxidising a solution 
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of ferrous chloride with chlorine and evaporating to crystalli¬ 
sation. 

aFeClg-f Clo^iFeCla- 

When this hydrate is heated hydrolysis takes place, and a basic 
salt is produced, so that the anhydrous salt has to be prepared by 
the direct action of chlorine on the metal. Ferric chloride 
resembles aluminium chloride (p. 439) in that (i) it readily sub¬ 
limes to give a vapour which contains double molecules, Fe2Clg, 
(ii) it is deliquescent, and (iii) it is hydrolysed in solution to a small 

extent: 

FeCI, -h 3H2O ^ Fe(OH)3 + 5HCI. 


Ferric sulphate and alums. A solution of ferric sulphate can 
be prepared by dissolving ferrous sulphate in dilute sulphuric acid 
and oxidising with hydrogen peroxide or hot dilute nitric acid . 

2 FeS 04 -r HgSOj -r H.Oj = FcaCSOJa zHgO, 

6FeS04 -H 3H2SO4 -h 2HNO3 = 3Fe2(S04)3 -H 2NO + 4H2O. 

The anhydrous sulphate is usually obtained by evaporating 
ferrous sulphate with concentrated sulphuric acid, which not only 
acts as an oxidising agent, but also prevents hydrolysis: 

aFeSOi 2H2SO4 = Fe2(SOi)3 SO, + aH.O, 


Ferric sulphate is of interest because it resembles aluminium 
sulphate in forming » alums i.e. double sulphates with the 

sulphates of monovalent metals, e.g. 

Potassium ferric alum : K2S04,Fe2(S0j)3,24H20. 

Potash alum : K2S04,Al2(S04)3,24H20. 

General reactions of ferrous and ferric salts. Ferrous salts 
are fairly stable in the solid state, but in soluUon they are readily 
oxidised to a ferric salt by most oxidising agents, as is shown 
above for chlorine, hydrogen pero jde, and hot dilute > 

see also acidified permanganate and dichromate, pp. 475 - 477 , etc. 
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Prolonged exposure to the atmosphere wiU also bring about the 
complete oxidation of a ferrous solution, but with iodine the 
oxidLion is incomplete as hydrogen iodide is a powerfbl re- 
ducing agent and tends to reverse the process : 

2 FeS 04 + H2SO4 +12 ^ Fe 2 (S 04)3 + zHI. 

Similarlv. although ferric salts are stable in the soUd state they 
arc fairly easily reduced by the majority of reducing agents, e.g.. 

aFeCla + HjS = aFeClj + 2HCI + S, 

Fe2(S04)3 -I- SOa + 2 H 2 O = zFeSOj + 

In solution, ferrous salts may be distinguished from ferric salts 

bv the following tests : 

(i) Sodium hydroxide reacts with a ferrous salt to give a green 
precipitate of ferrous hydroxide, 

FeSO* + 2NaOH =Fe(OH)2 + Na2S04. 
and with a ferric salt to give a brown precipitate of ferric hy¬ 
droxide . p^^^gQ^^^_^^j^^Qyj_2Fe(0H)3 + 5Na2S04. 

(ii) Potassium ferrocyanide, R4Fe(CN)6, gives a light blue pre¬ 
cipitate with a ferrous salt and a dark blue precipitate with a 

ferric salt. . 1111 

(iii) Potassium ferricyanide, KaFeCCN)^, gives a dark blue 

precipitate with a ferrous salt, but with a ferric salt there is no 
precipitate, though a brown coloration may be produced if the 

solutions are strong. 

(iv) Potassium sulphocyanide gives a deep red coloration 
with a ferric salt but nothing with a pure ferrous salt; howev^, 
the test is so sensitive that most ferrous solutions contain suffi¬ 
cient ferric iron to give a light pink coloration. 

HISTORICAL NOTES 

Iron has probably been known to man for more than seven thousand 
years, but there is little doubt that the earUest specimens of the metal 
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were of meteoric origin. Thus analysis has shown that some rusted 
iron beads, which were recently found in an Egyptian tomb dating 
back to about 4000 b.c. contained no less than 10*^0 nickel: a fact 
which strongly suggests that the iron came from a meteorite. The 
manufacture of iron by the reduction of iron oxide with charcoal or 
burning wood did not begin in all probability in Egypt until after 
1400 B.C. It is known that for two or three centuries betore and 
after this date the Egyptians imported iron from the Hittites, who lived 
in Asia Minor and were highly skilled in the preparation of iron. For 
many centuries the supply of iron did not meet the demand, and even 
as late as 880 b.c. the metal was greatly prized because Homer records 
that Achilles was given an iron ball for his athletic prowess. Alter 
800 B.c. iron displaced bronze for many purposes, for example iron 
implements were freely employed for agricultural work in Egypt and 
Assyria, as well as for weapons of war. and Nebuchadnezzar (605-5^1 
B.c.) used iron clamps for the stone blocks employed in building a 

bridge over the Euphrates. 

Cast steel was probably first made in India about 600 B.c. and from 
thence was exported to European countries. The Indians appear to 
have been unusually skilled in the manufacture of iron, for there is an 
iron pillar at Delhi which is 25 feet 8 inches high, and has a diameter 
at the base of 16^ inches. It weighs about 6 tons and is believed to date 
back to at least 500 a.d. if not earlier. The remarkable part about this 
pillar is that it appears to have been made in one operation, a veritable 

miracle if ancient furnace methods were employed. 

In Ent^land iron was manufactured in small quantiues before the 
Roman conquest, and Julius aesar, in his De hdh galtko, records that 
the Britons used brass and iron rings as money, the value depending 
upon the weight of the ring. During the Roman occupation iron 
was extensively manufactured in the British Isles by the reduction of 
oxide ores with charcoal, and remains of the old Roman iron industry 
are still to be seen in the Forest of Dean. At the time of the Norman 
Invasion (1066) iron was still being manufactured in Gloucestershire, 
but the chief centre of production was in Sussex where there was an 

abundance of wood for making charcoal. 

The exact date at which the blast furnace was introduced is not 
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known, but cast iron was used in the making of cannon in i s and the 
blast furnaces of that date were capable of making from 7-10 tons of 
metal per week : the product being converted into wrought iron by 
heating in air on a hearth not unlike a smithy's forge. The enormous 
quantities of wood which were required for making charcoal for the 
blast furnace led to various acts of Parliament in the sixteenth centur>’, 
which were designed to conserve the timber resources of the country. 

During the seventeenth century, Dud Dudley succeeded in con¬ 
verting coal into coke, which could be used in place of charcoal in 
the blast furnace, but the adoption of coke did not become general 
until the middle of the eighteenth century, when the ancient forests of 
England were approaching extinction. This dcveloprnent meant of 
course that the iron industry' moved from the forest districts to the coal 
districts of Durham, Yorkshire and Derbyshire. The next notable 
advance in blast furnace technique was the appUcation of a hot air 
blast in 1829, and subsequent developments have increased the effi¬ 
ciency to such an extent that a modern blast furnace has an output 
400 times greater than one of two centuries ago, whilst in the same 
interval the consumption of coal per ton of iron has dropped to one- 

fifth. 

In 1785 Cort discovered a very efficient method of converUng pig 
iron into Wrought Iron, viz. by melting pig iron with iron oidde on 
the hearth of a reverberatory furnace (p. 448)1 so that the impurities in 
the former were removed by oxidation, e.g.: 

Fe 203 + 3C==2Fe + 5C0. 

The removal of the impurities raised the melting point of the iron so 
that it went pasty ; it was then worked into lumps or blooms which 
were beaten under steam hammers to squeeze out the slag. The 
wrought iron was converted into blister steel by heating it for eleven 
days at 1000 ® with carbon in crucibles (Cementation Process), and 
this product was then either forged under a steel hammer for making 
cutlery, or melted in a crucible for the manufacture of tools, etc. For 
the greater part of the nineteenth century wrought iron was used for 
building ships, bridges, etc., but has now been replaced by mild steels 
which arc more cheaply manufactured by the Bessemer and Siemens- 
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Martin processes. The Cementation Process, which until recently 
gave the best quality steel, has now been largely displaced by methods 
in which an electric furnace is employed. 

EXPERIMENTS 

Expt. 59. To investigate the properties of iron and its com¬ 
pounds. 

(a) Heat an intimate mixture of five parts (by weight) of iron filings 
and three parts of sulphur in a test-tube until no further change is 
obser\'ed. What gas is evolved when dilute hydrochloric acid is 
added to a small portion of the product? 

(h) Dissolve about five grams of iron filings in 50 c.c. of dilute sul¬ 
phuric acid in a conical flask, filter and divide the filtrate into two 
portions ; heat one portion with 2 c.c. of concentrated nitric acid 
until no further change takes place. Now test separate portions of 
these two solutions with (i) excess of dilute caustic soda, (ii) potassium 
ferrocyanidc, (iii) potassium ferricyanide, (iv) potassium sulphocyanide. 
Repeat these tests with a solution of ferric chloride or ferric sulphate. 

Record and try to interpret your observations. 

(r) Place about five grams of ferrous sulphate in a hard glass test- 
tube fitted with a cork and delivery tube leading to the bottom of 
another test-tube. Heat the sulphate strongly until no further 
change occurs, then examine as follows the residue, x, in the 
hard glass test-tube, and the liquid, that has condensed in the other 

test-tube : 

(i) Note the colour of x. then heat it with dilute hydrochloric acid 

and test the solution for a ferric salt. 

(ii) Test portions of the Uquid. j. with anhydrous copper sulphate, 
litmus paper, barium chloride acidified with hydrochloric acid, 
and w dilute potassium permanganate. If either of the last 
two tests fail to give a positive result, heat some more ferrous 
sulphate and pass the vapour into a test-tube containing a 
little acidified barium chloride or dilute permanganate. 

What deductions can you make as to the action of heat on ferrous 

sulphate? 


p 


c.c. 1 
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Expt. 6 o. To investigate the rusting of iron. 

(a) Enclose some iron filings in a piece of muslin and tie to one 
end of an 8 inch length of copper u-ire. Moisten the bag of filings 
with water and push this to the end of a boiling tube; then invert 
the latter in a beaker of water and leave for a week. FLx the wire 
so that the muslin bag is kept in position in the upper end of the in¬ 
verted lube. Mark the initial level of the water in the tube (outside 
and inside at the same level) with a rubber band, and also the final level 
a week later. Test the residual air with a lighted splint and then 
measure the volumes of the original and residual air by pouring water 
into the tube from a measuring cylinder; note that the bag must 
be inside the tube when these measurements are made. Calculate 
the percentage contraction (if any), and explain concisely what con¬ 
clusions you can draw from your experiments. 

(/^) Place some bright iron nails in two boiling tubes ; just cover 
the nails in one tube with ordinary distilled water, but fill the other 
tube full of distilled water, which has been boiled vigorously for ten 
minutes to expel dissolved air. Seal the latter tube with a cork and 
then place both tubes in a cupboard. After a week or so examine the 
nails in both tubes. 

(f) Place some bright iron nails in the bottom of a beaker and just 
cover with distilled water. Cut a filter paper so that it fits tightly 
inside the beaker and push it down until it just touches the nails; then 
cover it to a depth of about 2 cm. with distilled water and set aside in 
a cupboard. After a week or so examine the contents of the beaker 
carefully : is there any rust on top of the filter paper? 

(</) Take a piece of bright iron wire and divide into two portions. 
Place one portion inside a desiccator and the other, after moistening 
with water, on the outside of the desiccator. Leave in a cupboard for 
a week, then compare the state of the two wires. 

(#) Place about 5 grams of iron filings on a watch glass and weigh 
as accurately as possible. Moisten the filings with water and put aside 
in a dust-free cupboard or drawer. At the end of a week dry the rusted 
filings by heating the watch glass on a water bath ; reweigh. 

Explain carefully what conclusions you can draw from your experi¬ 
ments. 
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Expt. 6i. Preparation of ferrous ammonium sulphate. 

Warm 75 c.c. of dilute (2N) sulphuric acid with an excess of iron 
filings in a conical flask. Whilst the action is taking place find by 
titration what volume of bench dilute ammonia will be needed to 
neutralise 75 c.c. of the dilute sulphuric acid. For this purpose place 
25 c.c. of the acid in a conical flask with a few drops of methyl orange 
and add ammonia from a burette until the neutral point is reached. 
Take the mean of three concordant titrations and then mix 75 c.c. of 
the dilute acid with the requisite quantity of ammonia for neutrality. 
When the reaction between the iron and acid has subsided, filter the 
product, and, after adding to the filtrate a further 5 c.c. of dilute sul¬ 
phuric acid (to minimise hydrolysis and oxidation of the ferrous sul¬ 
phate), mix it with the ammonium sulphate and evaporate to crystalli¬ 
sation. (Final volume should be about 100 c.c.) 

Dissolve a few crystals of the double salt in water and test separate 
portions of the solution with solutions of sodium hydroxide, potas¬ 
sium ferrocyanide, potassium ferricyanide, and barium chloride acidi¬ 
fied with dilute hydrochloric acid. What deduction can you draw 
about the behaviour of this double salt? 

QUESTIONS ON CHAPTER XXXII 

1. What is the commonest compound from which iron is usually 

obtained? What are the principal chemical reactions by which iron is 
obtained from this compound? What are the properties which render 
iron especially valuable? (J.M.B.S.C.) 

2. Name one of the ores from which iron is usually extracted. 

Give the chemistry of the process by which cast iron is manufactured 
from iron ore. Name three properties of cast iron which distinguish 
it from wrought iron. (C.W.B.S.C.) 

3. How is steel manufactured from pig iron? Explain carefully 
how {a) the composition, {b) the heat treatment affect the properties of 

steel. 

4. What chemical reactions occur between metallic iron and 
(a) aqueous copper sulphate, (b) dilute sulphuric acid, (r) steam? 
Explain how you would demonstrate by experiment that the chemical 

changes you describe had taken place in one of the above reactions. 

(O. and C.S.C.) 
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5. Describe three experiments you would make to show the con¬ 
ditions under which a clean piece of iron will rust. 

Give two methods usually adopted to protect iron from rusting. 

Describe one experiment to show that iron rust is a compound of 
iron. (J.M.B.S.C) 

6. Either {a) Describe a series of experiments which you would 
carry out to investigate fully the conditions under which iron rusts. 
State clearly the conclusions that you draw from each experiment. 

Or {b) Write brief notes on the contributions made to chemistry by 
any four of the following : 

Black, Boyle, Madame Curie, Moseley, Ramsay, Scheele. 

In each case state the century in which the scientist lived. (S.L.C.) 

7. If you were provided with iron filings, what experiments would 

you make to show that iron forms two series of salts—ferrous salts and 
ferric salts? (O. and C.S.C.) 

8. Starting from ferrous sulphate, how w'ould you obtain speci¬ 

mens of {a) ferric oxide, {b) iron? How would you test the purity of 
the iron obtained? (O. and C.S.C.) 

9. Describe how you would obtain from iron pure crystalline 

specimens of {a) ferrous sulphate, {b) ferrous ammonium sulphate. 
What changes occur when aqueous solutions of these substances are 
boiled with nitric acid? (O. and C.S.C.) 

10. Starting with iron turnings, describe in detail how you would 

prepare, in a reasonably pure state, three of the following : ferrous 
sulphate cr}'stals, ferric oxide, anhydrous ferric chloride, ferrous 
sulphide. (C.S.C) 

11. How would you prepare from iron filings: {a) a solution of 
ferrous chloride, {b) anhydrous ferrous chloride, (r) a solution of ferric 
chloride, {d) anhydrous ferric chloride? 

Describe and explain what w'ould happen if solutions (a) and (<■) were 
evaporated to drymess. (C.S.C.) 
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ALUMINIUM AND ITS COMPOUNDS 
ALUMINIUM. A 1 = 27 -o 

Introduction. Aluminium comes after magnesium and before 
zinc andiron in the table of the electrochemical series on p. 585. 
It is therefore not surprising that it shows certain similarities to 
these elements. Thus aluminium resembles: 

(i) magnesium in its lightness and great affinity for oxygen ; 

(ii) zinc in dissolving in caustic soda and in forming an am¬ 

photeric oxide ; 

(iii) iron in forming trivalent salts which are sometimes iso- 

morphous with ferric salts, and sometimes similar in 
other ways; for example, aluminium chloride is 
volatile like ferric chloride, and its vapour is composed 
of double molecules, AlgCIg, like those of ferric chloride, 
FejCIg. 

In spite of these similarities it must be confessed that aluminium 
is rather unusual in its properties and certainly shows no close 
relationship to any of the common metals, but the above points 
will help the student to grasp some of its outstanding character¬ 
istics. 

Occurrence. After silicon and oxygen, aluminium is the most 
abundant element in the solid crust of the earth, which contains 
about 15% of alumina, AI2O3, mainly in the form of alumino¬ 
silicates of complex composition. The metal, which is not 
found in the free state, is prepared from the hydrated oxide, 
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Bauxite, AUOajzHjO, and the double fluoride. Cryolite, 
NaaAIFg. The anhydrous oxide, AUOg, also occurs as Corun¬ 
dum or Emery, and as a gem-stone in the form of Sapphire (blue), 
and Ruby (red). The colour of the former is due to traces of 
cobalt oxide, and that of the latter to chromium oxide. 

Manufacture of aluminium. No cheap method has yet been 
devised for preparing aluminium from thever)’ abundant alumino¬ 
silicates, and it is only in this century’ that its manufacture from 
bauxite has been perfected to such an extent that the metal is 
sufficiently cheap for use in the manufacture of kitchen utensils, 
motor car and aeroplane parts, etc. 

Bauxite is first purified from oxides of silicon and iron by 
digesting it with caustic soda, and precipitating it from solution 
by the addition of “ insoluble aluminium oxide. The purified 
bauxite is ignited and then mixed with fused cryolite NajAlF^, 
and electrolysed in an iron box lined with carbon to act as the 
cathode, whilst carbon poles are used as the anode, Fig. 85. 
The aluminium is liberated at the cathode and sinks to the 
bottom of the bath, from which it is run off from time to time, 
whilst oxygen is set free at the carbon anodes. The electrolysis 
may therefore be represented by the scheme : 

- 4- 

Carbon C.\thode I 4A1<—2Al203->502 1 Carbon Anode 

The cryolite acts as the solvent and is kept in the molten state by 
the heating effect of the current. Fresh aluminium oxide is added 
from time to time to replace that which is used up by the electro¬ 
lysis, and the carbon anodes have also to be renewed fairly 
frequently because they are oxidised by the nascent oxygen. 

Properties and uses of aluminium. Aluminium is a light 
silvery white metal with a specific gravity of 27 and melting 
point of 658® C. It can be rolled into foil, which is now used 
in place of tin foil (silver paper) in packing cigarettes and 
chocolates. Its lightness, tensile strength and stability in air 
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account for its wide use in making kitchen utensils, motor car 
and aeroplane parts, etc. It is a good conductor of electricity 
and so is used in the construction of electric cables, especially 
when the price of copper rises unduly. 

Aluminium is exclusively trivaleut in its compounds. It has a 
ver)' great affinity for oxygen, but is apparently stable in air and 
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Fig. 8}. Manufacture of aluminium. 

in water because it becomes coated with a resistant but invisible 
film of oxide (see passive iron, p. 423). The film of oxide is 
loosened, however, when the aluminium is rubbed with a little 
mercury, and the resulting amalgam not only oxidises rapidly in 
the air, but also decomposes hot water. 

4AI + 5^2 2AI2O3, 

2AI + 6H2O = 2 A 1 ( 0 H )3 + 3H2. 
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The great affinity of aluminium for oxygen is illustrated by the 
following facts : 

The oxidation of one ec^uivalent of aluminium liberates 63,5^0 
cals. 

The oxidation of one equivalent of magnesium liberates 71,500 
cals. 

The oxidation of one equivalent of hydrogen liberates 34,180 cals. 

This affinity is utihsed in the Thermit Process for the pro¬ 
duction of metals from their oxides. Thus molten iron can be 
tapped on to a broken tram rail, etc., by igniting in a crucible a 
mixture of aluminium powder and an oxide of iron (Expt. 63), e.g.: 

FejOj + 2 A 1 = zFe + AlgOg. 

Aluminium is virtually unattacked by dilute nitric or sulphuric 
acids, but dissolves readily in hot dilute hydrochloric acid forming 
aluminium chloride and hydrogen : 

2A1 + 6 HC 1 = 2A1C13 + 3H2 or 2AI-f = 2Al++++ 3H2. 

It also dissolves rapidly in hot dilute caustic soda forming sodium 
aluminate and hydrogen, 

zNaOH + 2AI + 2H2O = aNaAlOg + 5H2- 

Hot concentrated nitric acid is said to be without action on pure 
aluminium, but hot concentrated sulphuric acid yields aluminium 
sulphate, sulphur dioxide and water. 

2AI + 6H2SO4=Al2(S04)3 + 3 SO2 + 6H2O. 

COMPOUNDS OF ALUMINIUM 
Aluminium oxide, AI2O3, is a white infusible solid which 
cannot be reduced by either hydrogen or carbon. It is chiefly 
of interest because it is an amphoteric oxide, like zinc oxide, and 
win therefore form salts with both acids and bases : 

AI2O3 + 6 HC 1 = 5H2O + 2AICI3, aluminium chloride. 

Al203 + 2Na0H= HjO + aNaAlOa, sodium aluminate. 
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Hence, when an excess of caustic soda is added gradually to a 
solution of an aluminium salt, the aluminium hydroxide (i.e. 
hydrated aluminium oxide), AI(OM)a, which is precipitated at 
first, redissolves to give a solution of sodium aluminate : 

3NaOH +AlCl3 = 3NaCl +Al(OH)3, 

NaOH + A1(0H)3 =NaA102 + zH^O. 

Aluminium chloride, AICI3, is formed when aluminium or its 
oxide is dissolved in hydrochloric acid and a hydrate, AlCl3,6H20, 
can be crystallised out. This hydrate loses hydrochloric acid 
when it is heated (i.e. hydrolysis occurs, see below), so the 
anhydrous salt is prepared by heating aluminium foil in a stream 
of dry chlorine in a hard glass tube as depicted in Fig. 84, when 



Fig. 84 . Preparation of aluminium chloride. 


the chloride sublimes and condenses in the bottle on the right of 
the diagram. 

Aluminium chloride is a white hygroscopic substance which 
fumes in moist air owing to hydrolysis : 

AICI3 + iUfi ^ A1(0H)3 + 5Ha 
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It is chiefly of interest because it volatilises at 183° to give a vapour 
v- hich is composed of double molecules, AloClg, thereby showing 
a close resemblance to ferric chloride, p. 426. 

Aluminium sulphate and the alums. Aluminium sulphate 
can be prepared by dissolving the metal or oxide in concentrated 
sulphuric acid : 

2AI + - AIjCSOJs + 3 S02 + 6HA 

AI2O3 + 3H2S04 = Al2(S04)3 + 3H2O. 

It is chiefly of interest because it will unite with the sulphates of 
sodium, potassium and ammonium to form double sulphates 
called Alums, of general formula : 

MoS04,Al2(S04)3,24H20 where M=Na,K,NH4. 

Potash alum, K2S04,Al2S04,24H20, is used extensively in 
the dye industry as a mordant (Latin, mordeo^ I bite), i.e. as a 
substance which helps the dye to adhere to the fabric. 

HISTORICAL NOTES 

An impure form of aluminium sulphate was known to the ancients 
under the name of alumen^ and was used by the Romans for dyeing 
and medical preparations. It is not known when Alum (potassium 
aluminium sulphate) was discovered, but it was probably not earlier 
than the thirteenth century a.d. The base, alumina, AI2O3, was 
recognised early in the eighteenth centur)’, and in 1782 Lavoisier pre¬ 
dicted that it was an oxide of a metal whose affinity for oxj^gen was so 
strong that it could not be reduced by any reagent then in use. 

The metal was isolated in 1827 by Wohler, who obtained it by heat¬ 
ing aluminium chloride with potassium: 

5K + A 1 C 13 = 3KC1 + A1. 

Although this method was cheapened by the substitution of sodium 
for potassium, the metal remained a chemical curiosity for many 
years, and was actually shown at the Paris Exhibition of 1855, its 
price being £12 per pound weight. The electrolytic method was 
started in America and France about 1886, and some idea of the rapid 
growth of the process can be gauged from the fact that the world 
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production of 100 tons per annum in 1889 had grown to nearly 600,000 
tons by 1938. In 1944 the output of the metal is estimated to have 
exceeded two million tons, because of the demand for aluminium 
alloys in the construction of aircraft. After the \X'ar, there was a tem- 
porar)’ slump in the production of the metal, but the output is again 
increasing, and reached 1,100,000 tons in 1950, without including any 
estimate for the substantial production in the Soviet Union. 


EXPERIMENTS 

Expt. 62. To investigate the properties of aluminium and its 
compounds. 

{a) Examine the effect of heating aluminium foil on an old piece of 
porcelain. 

{b) Amalgamate some aluminium foil, either by rubbing it in a 
mortar with mercury, or by immersing for a few minutes in a solution 
of mercuric chloride. W'hat happens when portions of this amalgam 
are (i) exposed to the air, and (ii) warmed with water in a test-tube? 

(r) Investigate the action of caustic soda and dilute and concen¬ 
trated acids on aluminium foil. 

(d) Heat aluminium oxide on a charcoal block with the reducing 
flame of a blow pipe ; can you detect any change? 

(f) Dissolve about five grams of aluminium sulphate or potash alum 
in 50 c.c. of water and test portions of this solution with : (i) litmus 
solution; (ii) hydrogen sulphide ; (iii) ammonia; and (iv) caustic 
soda, drop by drop until no further change is observed. Try to draw 
conclusions ftom your observations. 


Expt. 63. Thermit process. 

Aluminium fiUngs (one part by weight) and powdered magnetic 
oxide of iron (three parts) are mixed together and pressed down 
firmly into a Battersea crucible embedded in a box of sand. A small 
hole is made in the centre of the mixture and filled with a mixture of 
magnesium powder and barium peroxide (i : 3)- A strip of magnesium* 
is placed in this and ignited by means of a Bunsen burner. The heat of 
ignition starts the thermit reaction and molten iron falls to the bottom 
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ot the crucible. The experiment should be carried out in the fume 
chamber. 

Expt. 64 . Preparation of potash alum. 

Potash alum may be prepared from aluminium by warming gently 
2 grams of aluminium foil with 50 c.c. of normal potassium hydroxide 
solution in a conical flask. When no further action takes place, 20 c.c. 
of distilled water are added, and the mixture filtered to remove excess 
aluminium and insoluble impurities. The solution is heated with 
100 c.c. of 2N sulphuric acid until the precipitate of aluminium hy¬ 
droxide. which is first formed, redissolves ; it is then evaporated and 
left to crystallise. The reactions which take place may be represented 
by the following equations : 

2AI + 2KOH + zHoO-^-zKAlOj + 

2H2O + 2KAIO2 4 HaSb^^KgSO, + 2 A 1 ( 0 H) 3 , 

2A1(0H)3 + 3H2S04^Al2(S04)3 + 6H2O. 

QUESTIONS ON CHAPTER XXXIII 

1. How and where is aluminium found in nature? Outline very 

briefly the manufacture of the metal. Give its chief chemical and 
physical properties, stressing those which render it useful in d^ly life 
and in industry. (Qvil S.C.) 

2. Starting with aluminium, how would you prepare specimens of 
(a) aluminium oxide, (b) anhydrous aluminium chloride, (c) potash 
alum ? 

3. Describe carefully the tests you would perform to find out 
whether a piece of “ silver paper ” was made of aluminium or tin foil. 

4. Define (a) amphoteric oxide, (b) mordant, (c) double salt, (</) 
hydrolysis, and illustrate your answer in each case by considering a 
compound of aluminium. 



CHAPTER XXXIV 

TIN AND LEAD 

Introduction. Tin and lead show a general resemblance to one 
another, as would be expected from their contiguous positions 
in the electrochemical series and periodic table (p. 588). Thus 
both elements are heavy, easily fusible metals which exhibit 
valencies of two and four. They are fairly readily oxidised by 
heating in air, but are not attacked appreciably by water. Tin, 
however, liberates hydrogen slowly from dilute (non-oxidising) 
acids and fairly rapidly from concentrated hydrochloric acid, 

Sn + 2HCI = H3 + SnCla, stannous chloride, 

whilst lead is almost unaffected. This shows that tin is more 
electro-positive than lead. 

The principal difference in their compounds lies in the fact 
that the tetravalent (stannic) compounds of tin are more stable 
than the divalent (stannous) compounds, whilst the reverse is 
usually the rule in the case of lead. Thus stannous salts are 
powerful reducing agents and are rapidly oxidised even by the 
air, whilst the corresponding plumbous salts are quite stable. 
For example, stannous chloride reduces ferric salts, 

aFeCla -H SnCI^ = aFeCU -I- SnCl^, 

whilst plumbous chloride (so-called lead chloride), PbCl^, is 
devoid of reducing properties and can be obtained by heating 

plumbic chloride: 

PbCli^PbCla-t-Cl^. 

443 
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TIN. Sn = ii8*7 

Occurrence and extraction of tin. The principal source of 
tin IS the dioxide, Cassiterite or Tinstone, SnOa- This mineral 
has the high specific gravity of about 7, and can therefore be con¬ 
centrated and separated from earthly impurities by washing with 
water. The concentrated ore is roasted in air to remove sul¬ 
phurous and arsenical impurities, and is then reduced to tin by 
heating with anthracite on the hearth of a reverberatory furnace 
(see p. 448): 

Sn02 + C = Sn + COo. 

Properties and uses of tin. Ordinary tin is a silvery-white 
metal which melts at 232° and has a specific gravity of 7*5»but 
there is an allotrope, grey tin, which is stable below 12° and has 
the much lower specific gravity of 5-7. In consequence, in cold 
climates, articles made of tin sometimes disintegrate and become 
covered with a » warty ” mass of grey tin ; this is described as 
“ tin plague 

Tin is not tarnished at ordinary temperatures, but when heated 
in air it is oxidised to stannic oxide, SnOg. It is not attacked by 
water, but readily displaces hydrogen from hot concentrated 
hydrochloric acid to form stannous chloride : 

Sn + 2HCl = SnCl2 + H2 or Sn + 2H+=Sn++ 

The higher chloride, stannic chloride, is formed when tin is 
attacked by chlorine: 

Sn +2Cl2 = SnCl4. 

This behaviour is analogous to that of iron, pp. 4^2-423 : 

Fe + aHCUFeCla + Hj, 

iFt + 3Cl2 = 2FeCl3. 

Tin dissolves in dilute nitric acid to give mainly stannous 
nitrate and ammonium nitrate, 

4Sn + 10HNO3 =4Sn(N03)2 4-NH,N03 +3H2O, 
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but some stannic nitrate and nitrous oxide are also formed. The 
concentrated acid oxidises the metal to a complex product which 
yields stannic oxide on heating, so the ultimate action is : 

Sn + 4HNO3 = SnOs + 4NO2 + zHA 

Thin sheets of tin, known as Tinfoil or Silver Paper, were 
formerly used (see p. 43^) for wrapping chocolates, cigarettes, etc. 
The “ tins ” used for packing fruit, etc., consist of Tinned Plate, 
i.e. thin sheets of steel which have been covered with a layer of 

tin by immersion in the molten metal, p. 425. 

Tin is also used in the production of important alloys such as 

Bronze (Cu with 8 to 24% Sn), Solder (50% Sn 50% Pb) and 
Pewter (80% Sn, 20% Pb). 

COMPOUNDS OF TIN 

Tin exhibits a valency of two in stannous compounds, and a 
valency of four in stannic compounds, e.g.. 

Stannous oxide, SnO. Stannic oxide, SnO^. 

Stannous sulphide, SnS. Stannic sulphide, SnS^. 

Stannous chloride, SnCl^. Stannic chloride, SnCl,. 

Oxides of tin. Stannous oxide, SnO, is obtained as an olive 
green powder by heating stannous oxalate . 

SnC204 = SnO + CO + COg. 

It dissolves in dilute acids to give a stannous salt, 

SnO 4 2HCI = H20 + SnClg, stannous chloride, 

and in caustic alkalis to form stannites, e.g., 

SnO+NaOH=NaSnOOH, sodium stannite, 

and is therefore an amphoteric oxide. 

Stannic oxide, SnO^, can be obtained by heanng tin or 

stannous oxide in air, but is usuaUy prepared in the laboratory by 

heating tin with concentrated nitric acid as described above. 
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It dissolves in hot concentrated sulphuric acid forming stannic 
sulphate, 

SnOj + zHjSO^ =Sn(S 04)2 -f zHgO, 
but is insoluble in nitric and hydrochloric acids. hen fused 
with caustic soda it forms sodium stannate, 

zNaOH ^SnOj^NajSnOg-rHjO, 
and is therefore regarded as an amphoteric oxide. Like stannous 
oxide, it is easily reduced to the metal by heating with carbon or 
hydrogen. 

Chlorides of tin. Colourless cr\'stals of hydrated stannous 
chloride, SnCl2,2H20, can be prepared by dissolving tin in con¬ 
centrated hydrochloric acid and evaporating to crystallisation. 

Sn + 2HCI = SnCU + or Sn + 2H+ = Sn++ + H3. 

Since stannous oxide is not a strong base, the above hydrate is 
hydrolysed to a basic salt, Sn(OH)Cl, by ignition, so that the 
anhydrous salt has to be prepared by heating tin, or the hydrated 
chloride, in a stream of dry hydrogen chloride gas. 

A solution of stannous chloride shows all the general reactions 
of stannous salts. Thus, first and foremost, it is a powerful 
reducing agent and will therefore reduce : 

(i) Iodine to hydrogen iodide : 

SnCl2 + 2HCl+l2 = SnCl^ + 2HI or Sn+++l2 = Sn+++ 2I-, 

The alternative “ ionic ” equation has been given to emphasise 
the fact that reduction is frequently due to the addition of 
electrons, and conversely oxidation to the removal of electrons 
(see p. 376). Thus the stannous ion, Sn+''’, is oxidised to the 

stannic ion, Sn++, by the loss of two electrons to the iodine 
molecule, L, which is thereby reduced to the iodide ion, I". 

(ii) Ferric salts to ferrous salts : 

zFeCig + SnClo = zFeCIa + SnCl4 

++ 

2Fe+^+ + Sn++ = 2Fe+'‘- + Sn++, 


or 
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(iii) Mercuric chloride to insoluble mercurous chloride . 

2Hga2 + SnCU_ = HgaClo + SnCl.,, 

or 2Hg+-^ + Sn++ =Hg2-^+ + Sn++. 

If there is an excess of stannous chloride^ the white precipitate of 
mercurous chloride turns black owing to the separation of 

mercury: 

Hg^Cl., + SnCl2 - 2Hg + SnCI, or + Sn-+ = aHg + Sn^^. 

Stannous chloride reacts with sodium hydroxide to give a 
white precipitate of stannous hydroxide, which dissolves in 
excess of alkali to form a solution of sodium stannite : 

zNaOH + SnC 4 = aNaCl + Sn(OH)2, stannous hydroxide, 
NaOH + Sn(OH) ^ = H + NaSnOOH, sodium stannite, 

Finally, stannous chloride reacts with hydrogen sulphide to form 
a brown precipitate of stannous sulphide ; 

SnClj + HaS^SnS + zHa 

The higher chloride, stannic chloride, SnCl,, is prepared just 
like phosphorus trichloride, p. 560. by passing a stream of dry 
chlorine over tin heated in a retort: 

Sn + 2Cl2 = SnCl4. 

It is an oily liquid which dissolves in water to form a hydrate, 
SnCl^.jHjO, which separates as a white crystalline soUd on 

evaporation. In solution it reacts 

(i) with caustic soda to give a white precipitate of stanmc 

hydroxide, Sn(OH)4, which dissolves in excess of 

alkali to form sodium stannate : 

4NaOH + SnCU = 4NaCl + Sn(OH)4. stannic hydroxide ; 
zNaOH + Sn(OH)4 = 3^20 + NajSnOs, sodium stannate. 

(ii) with hydrogen sulphide to give a yeUow precipitate of 

stannic sulphide: 

SnCU + 2H2S =SnS2 + 4HCI. 
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LEAD. Pb = 207-2 

Occurrence and extraction. Lead is very largely obtained 
from the sulphide. Galena, PbS, which is first roasted on the 
hearth of a reverberatory furnace to give sulphur dioxide and a 
mixture of lead oxide and sulphate : 

2PbS + 302 =r 2 Pb 0 + 2S02, 

PbS + 202 = PbS 04 . 

A reverberatory furnace, Fig. 85, is designed so that the heat 
from burning producer gas is thrown from the roof on to the 



Fig. 85 . Reverberatory furnace. 


charge in the hearth ; in this way the ore is not contaminated by 
direct contact with a solid fuel. The producer gas is generated 
by drawing air through red hot coke resting on fire bars at the 
side of the furnace, and is burnt above the hearth by admitting 
air through the secondary air holes, which also provide the air 
necessary for the oxidation of the ore. 

In the roasting of galena, the gases which pass from the furnace, 
via the flue on the right of the diagram, contain an appreciable 
percentage of sulphur dioxide which is used for the manufacture 
of sulpliuric acid by the lead chamber process. 
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The roasted ore is reduced in a blast furnace with coke, to¬ 
gether with iron or iron ore to remove sulphur : 

zPbO-fC-rPb+CO,, 

PbS 04 + zC = PbS + 2 C 02 , 

PbS + Fc-Pb + FeS. 

The crude metal is purified by heating it on the hearth of a 
furnace, when most of the impurities are oxidised and removed as 
scum, but silver and bismuth remain and have to be extracted 

with molten zinc. , 

Properties and uses of lead. Lead is a silver grey metal 

which melts at 327° and has a specific gravity of ii'S; It ts soft 

and so plastic that it can be forced through a die to form 


Lead undergoes superficial oxidation in air, and is slowly 
attacked by water and air to give lead hydroxide: 

aPb + 2H2O +Oj = 2Pb(OH)j. 

Since lead is a cumulative poison (i.e. several small doses can 
eventuaUy cause lead poisoning as they remain in the system), it 
is essential that soft water for drinking purposes should not come 
in contact with lead. Hard water, however contains b><-^b°nates 
or sulphates which react with the lead hydroxide to form a lay e 

of insoluble lead carbonate or sulphate ^ “ ‘ 

drinking water that is hard may safely be conducted in pipes. 

Lead is just above hydrogen in the electrochemical ser. s but 
is not sufficiently electropositive to displace it rom "on-oxidi ng 
acids such as hydrochloric acid and dilute sulphuric acid. It is 

rapidly dissolved by hot dilute nitric acid, 

3Pb + 8HNO3 = }Pb(N03)2 + 2NO + 4H2O. 

but is only slowly attacked by hot concentrated sulphuric acid 1 

Pb + 2H2SO4 =PbS04 -r SO2 + 2H2O, 

Cu 2H2SO4 = CuS04 + SO2 + 2H2O. 


compare 
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I'he resistance of lead to the action of sulphuric acid of less than 
70^0 strength is utilised in the Lead Ch.uiber Process (p. ^99) 
for the manufacture of this acid. 

COMPOUNDS OF LEAD 

Like tin, lead exhibits a valency of two and four in its com¬ 
pounds, but the divalent plumbous compounds are usually much 
more stable and better known than the tetravalent plumbic com¬ 
pounds, so that the distinctive adjective, plumbous, is frequently 
omitted. For instance, plumbous nitrate, Pb(N03)2, is always 
known as lead nitrate. 

Oxides of lead. There are three well-known oxides of lead, 
viz.; 

{a) Plumbous oxide or litharge, PbO. 

{b) Red lead, PbaO^. 

(r) Plumbic oxide or lead dioxide, PbOg. 

(<7) Litharge, PbO, is manufactured by heating lead in a stream 
of air, 

zPb + 0.2 = zPbO, 

but is most conveniently prepared in the laboratory by the igni¬ 
tion of lead nitrate : 

2 Pb(N 03)2 = zPbO +4NO2 + Og. 

It is a heavy yellow solid which dissolves slighdy in water to give 
a solution which is alkaline to litmus. The oxide is, however, 
amphoteric, since it dissolves in both acids and alkalis to form 
salts, e.g. : 

PbO + 2HNO3^H^O + Pb(N03)2, lead nitrate. 

PbO + zNaOH =H20 -f-NaaPbOg, sodium plumbite. 

Litharge, like the other oxides of lead, is easily reduced by heating 
in a stream of hydrogen or on a charcoal block. 

PbO+H2 = Pb + H20, 
zPbO + C^zPb + COj. 
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It is used in glazing pottery and in the manufacture of flint glass, 
paints, varnishes and lead salts. 

(b) Red lead, Pb304, is obtained by roasting litharge in air for 
some hours at 400® : 

6Pb0+02 = 2Pb304. 

This oxide appears to be a compound of lithage, PbO, and lead 
dioxide, PbOj, since it reacts with hot dilute nitric acid to give 
a solution of lead (plumbous) nitrate and a residue of lead 

dioxide : 

Pb304 +4HNO3 = 2Pb(N03)2 + Pb02 + zH^O. 

It reacts with concentrated hydrochloric acid to give lead chloride 
and chlorine : 


Pb304 + 8 HC 1 = 3PbCU + CI2 + 4H2O. 

(r) Lead dioxide, PbO2, is most conveniently prepared by boil¬ 
ing red lead with dilute nitric acid, 

Pb304 + 4HNO3 = PbOs -H zPbCNOa)^ + zH^O, 

and washing the insoluble residue of lead dioxide with water 
to remove lead nitrate and surplus nitric acid A less pure 
product can be obtained by warming litharge with a suspension 

of bleaching powder in water : 

zPbO + Ca(OCl)2 = aPbO^ + CaCU- 


Lead dioxide is a dark brown soUd which exhibits the properties 
of an amphoteric oxide and an oxidising agent. Thus it forms 
plumbates with alkaUs and plumbic salts with some acids: 

PbOj + aNaOH =H20 +Na2Pb03, sodium plumbate. 
PbO, + 4HCI = 2H,0 + PbCU plumbic chloride. 

The last reaction takes place with cold 

acid, but if heat is appUed the plumbic chloride breaks down into 
plumbous chloride (lead chloride) and chlorine. 

PbCl4 =PbCl2 + Cl2. 
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The above reactions should be compared with those of stannic 
oxide, SnO^ (p. 446), which also behaves as an amphoteric oxide, 
but is unaffected by even hot concentrated hydrochloric acid. 
Moreover, both stannic oxide and stannic chloride are stable 
towards heat, whilst the corresponding plumbic compounds 
decompose quite readily into the plumbous compounds. 

2Pb02 = 2Pb0 + O2. 

Lead nitrate, Pb(N03)2, is the most important of the soluble 
salts of lead and can be prepared by the action of hot dilute nitric 
acid on the metal or, preferably, its oxide, litharge : 

3Pb + 8HNO3 = 3Pb(N03)2 + 2NO + 4H2O, 

PbO + 2HNO3 - Pb(N03)2 + H2O. 

It is a white solid which crystallises from solution without water 
of crystallisation, and as it is also easily decomposed by heat, 

2 Pb(N 03)2 = 2PbO + 4NO2 + O2, 

it is the most convenient nitrate to use for the preparation of 
nitrogen peroxide (p. 342). 

Aqueous solutions of lead nitrate give all the ordinary reactions 
of soluble plumbous salts ; e.g.: 

(i) Sodium hydroxide gives a white precipitate of lead hy¬ 
droxide, which dissolves in excess of alkali to form sodium 
plumbite : 

aNaOH + Pb(N03) 2 = aNaNOg + Pb(OH) 2, lead hydroxide, 

aNaOH + Pb(OH)2 = 2H20 + Na2pb02, sodium plumbite, 

(ii) Hydrogen sulphide gives a black precipitate of lead sul¬ 
phide : 

HjS + Pb(N03)2 = PbS + 2HNO3. 

(iii) A dilute solution of hydrochloric acid or of any chloride 
gives a white precipitate of lead chloride, which is soluble in hot 
water or concentrated hydrochloric acid : 

2HCI + Pb(N03)2 = PbClg + 2HNO3. 
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LEAD SALTS 

Lead chloride is prepared in the laboratory by this reaction, and 
it can be purified by recrystallisation from boiling water. 

(iv) A dilute solution of an iodide gives a yellow precipitate ot 
lead iodide, which is only slightly soluble even in boiling water : 

aKI +Pb(N 03 ),, = PbU - aKN 03 . 

(v) A dilute solution of sulphuric acid or any sulphate gives 
a white precipitate of lead sulphate, which is insoluble even in 

boiling water: 

H.3SO, + PbCNOJ, =PbSO, + 2HNO3. 

N.B.—Lead sulphate is always prepared in the laboratory by this 
method as it is so insoluble. 

Lead acetate, Pb(OOCCH3)3. is prepared by dissolving litharge 
in acetic acid : 

PbO + zCH3COOH =Pb(OOCCH 3)2 + H 20 . 

It is very soluble in water to which it imparts a sweet taste, hence 
it is known as Sugar of Lf:ao. Like all the soluble salts of lead 
it is very poisonous. It is used in medicine as an eye wash, and 

in the dye industry. vwnu\ ha<; 

White lead or basic lead carbonate, zPbCO.^, Pb(OH)2. has 

been used from the earliest of times as a white paint, and is still 

employed for making the best white paints as it has a very good 

covering power. Its main disadvantages as a paint are that 

readily blackened by M-gc" 

Sri Duriess which is sir to that used in 

ancient times by the Egyptians and Greeks. 

In the Dutch process, rolls of sheet lead are placed ^e uppe 
portion of pots which are filled one-quarter tin ga 

(dilute acetic acid). These pots are arranged in tiers in speem 
beds and the intervening spaces are packed with dun A 

acid is vaporised by the heat of the ^'"tJ 

presence of air attacks the lead to form a basic lead acetate. The 
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fermentation of the dung liberates carbon dioxide which attacks 
the basic lead acetate forming the basic carbonate, white lead, and 
liberating acetic acid which then attacks more lead. At the end 
of four or five weeks the white lead is separated from unchanged 
metal, ground, washed with water to remove soluble lead acetate, 
and finally dried. 

The pigment prepared by this method has the advantage of 
very great covering power, and is the traditional basis for the 
majority of white and coloured paints. In the past fifty years it 
has been displaced in part by cheaper substitutes such as barium 
sulphate, BaS04, and zinc oxide, ZnO, etc., which have not as 
good a covering power, but are less poisonous and are not 
blackened by atmospheric hydrogen sulphide. Many attempts 
have been made to prepare white lead by more rapid methods, 
e.g. by precipitation, but the product is coarser and inferior in 
covering power. 

HISTORICAL NOTES 

Tin. It is generally believed that tin has been known from very 
early times, though proof of its antiquity is not so convincing as that 
of copper, silver, gold, mercury, lead and iron. The metal was prob¬ 
ably first used in the form of Bronze, an alloy of copper and tin which 
dates back to at least 3000 b.c. 

It is not known where or how the ancient world obtained its first 
supplies of tin, though there is fairly strong evidence for believing 
that tin oxide was mined in Cornwall as early as 1000 b.c., and that 
the metal was obtained by “ firing ” the ore with wood in a hole in 
the ground : 

SnOg + C = Sn + COg. 

The metal thus obtained was carried by Phoenician trading ships to 
the markets of the ancient world. 

Lead, Several lead plates and statues have been found in Egyptian 
tombs which date from before 1200 b.c., and the British Museum 
have a lead figure which is probably five thousand years old. The 
metal was obtained by the roasting and reduction of galena, PbS, 
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which was mined in south-eastern Spain at least as early as 1200 b.c. 
There were also important lead mines in ancient Greece and northern 
Africa, for it is recorded that Athens in the tourth century u.c. derived 
a considerable revenue from the silver and lead mines of Laurium, 
whilst in 200 b.c. the lead mines at Carthagena are supposed to have 

employed 40,000 people. . ,> • 

In Roman times lead was mined in various localities in Britain, 

though the Empire obtained most of its suppUes from Spain. The 

Romans used lead for coffins, tablets, toys, vases, tokens, weights and 

water pipes, etc., and Pliny records that leaden discs were used for 

writing on parchment. 

experiments 


Expt. 65. To investigate the properties of tin. 

(a) Note carefully what happens when a few grams of tin are heated 

strongly in an open crucible for about twenty minutes. 

(b) Heat tin foil in a test-tube with (a) dilute hydrochloric aci , 
(i) concentrated hydrochlotic acid, (r) dilute nitric aetd. Ident.fy any 
gas or gases bv collecting over water and test the solutton left m th 
Lt-tubes with hydrogen sulphide. What conclustons can you d as ^ 

(r) Add about 4 c.c. of concenttated mtr.c aetd very “uuously m 
about a gram of tin foil in a test-tube, in the fume chamber. When t 
reaction has subsided, heat to dryness: what happens when the res.du 
is heated on a charcoal block? Record all your obsers'at.ons and trj 

to draw conclusions. 

Expt. 66 . To compare the properties of stannous and stann.c 

Sh“ t two grams of each of the chlorides , c.._^of water 

in separate tubes. Test bv^drop until both 

necessary add concentrated hydroch • ^ fnnr nortions 

solutions are perfectly clear. Divide each soluuon into four portions, 

(7, b, r, d, and compare the effects of. 

{a) Adding hydrogen sulphide. 

(b) Adding caustic soda solution drop d} a y 
are strongly Ilkaline. N.B.-Shake well to mix the alkah and the 

solutions. 
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(f) Adding a few drops of ferric chloride, followed (after shaking) 
by a drop of potassium ferricyanide. 

{d) Adding a solution of mercuric chloride. 

Record all your observ'ations and try to explain them. 

Expt. 67. To investigate the properties of lead and its com¬ 
pounds. 

{a) Lead, (i) Note the effect of heating some lead for twenty minutes 
on a piece of porcelain from a broken evaporating dish. 

(ii) Examine the action of dilute and concentrated acids on lead. 

{b) Litharge, (i) Heat litharge on a charcoal block with the re¬ 
ducing flame from a blow pipe ; identify the residue. 

(ii) Heat a little litharge with water in a test-tube for three or four 
minutes, shaking vigorously from time to time to assist solution. 
Filter, and test the filtrate with a drop of methyl orange solution. 
Before deciding what class of oxide litharge is, find out whether it will 
dissolve in a hot concentrated solution of caustic soda. 

(c) Ked lead, (i) Heat a little red lead in a test-tube, and identify the 
gas that is evolved and the product that is left in the test-tube. 

(ii) Heat about 0-5 gram of red lead with 5 c.c. of concentrated 
hydrochloric acid in a test-tube, and identify the gas that is evolved. 
Heat until no further change occurs, then decant off the upper liquid 
and boil the residual solid with 10 c.c. of water, filter; what is the 
solid that crystallises from this filtrate? 

(iii) Heat 20 grams of red lead with 80 c.c. of dilute (10%) nitric 
acid until no further change is obsen^ed. Filter the mixture and 
evaporate the filtrate to crystallisation ; identify the crystals by heating 
them in a test-tube. Wash the solid left on the filter paper with boiling 
water and then dry it in a steam oven. What happens when the solid 
is heated, {a) alone, and {b) with concentrated hydrochloric acid? 
Hence try to draw conclusions as to the action of nitric acid on red lead. 
If you are in doubt as to what the solid is that is obtained by the action 
of nitric acid on red lead, oxidise some litharge with a suspension of 
bleaching powder in water. 

(</) Lead salts. Lead chloride, iodide and sulphate are insoluble in 
cold water, and are therefore prepared by double decomposition from 
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lead nitrate. The last named salt may be obtained by dissolving lead 
or, preferably, litharge in hot dilute nitric acid. 

Add litharge gradually to 8o c.c. of hot dilute nitric acid in a beaker 
until no more will dissolve, then filter. Divide the filtrate into five 
portions, a, f, d, e, and treat them as follows : 

(a) Evaporate to crj-stallisation. Investigate the action of heat on 
the dry cr>'stals. 

(b) Add dilute hydrochloric acid until no more precipitate is formed, 
then dilute with an equal volume of water, boil and filter. Lead 
chloride cr)'stalliscs out from the filtrate as it is almost insoluble in cold 

water. 

(r) Add a solution of potassium iodide and note the colour ot the 

precipitate of lead iodide. Try to discover whether lead iodide is more 

soluble in boiling water than in cold water. 

((/) Add hydrogen sulphide and note the colour of the precipitate 

of lead sulphide, what happens when a portion of this precipitate is 
heated with hydrogen peroxide? 

(e) Boil and add dilute sulphuric acid to get a cr)’Stalline preapitate 
of lead sulphate, which can be collected on a filter paper. 


QUESTIONS ON CHAPTER XXXIV 

1. Give an account of the manufacture and properties of tin. 

2. Describe carefully how you would show that tin forms two series 
of salts. 

a. Starting with tin, how would you prepare specimens of stannous 
chloride, stannic oxide and stannic chloride. Describe two tests you 
would perform to find out whether a given solution contained a 

stannous or stannic salt. 

4. Starting from metallic lead, describe in detail how you would 
prepare a specimen of lead nitrate. Describe a so m outhne only how 
you would obtain from this salt specimens of (a) lead chloride, (i) lead 

"’How'^could you show that lead monoxide contains “«^*nd 

oxygen? , . iV i j 

< Describe how you would prepare from litharge (^0 metallic lead, 

(fe) crystalline lead niLte, (c) crystalline lead chloride, (d) 

Clear'practical details must be given in each case. (C.W.b.b. .; 



458 AN INTRODUCTION TO CHEMISTRY 

6. Three specimens of litharge, prepared from different compounds 
of lead, gave the following results on analysis : 

(a) 6-69 grams of oxide yielded 6*21 grams of lead ; 

(b) 1*56 grams of oxide yielded 1*45 grams of lead ; 

(0 ^’97 grams of oxide yielded 2-76 grams of lead. 

State the law of chemical combination illustrated by these figures. 

Describe how you would prepare three samples of litharge for the 
purpose of carr}'ing out this experiment. (C.S.C) 

7. How may lead monoxide and lead peroxide be obtained, starting 
from metallic lead? 

Describe how you would show by experiment that their composition 
is in agreement with the law of multiple proportions. (L.M.) 



CHAPTER XXXV 

COPPER AND MERCURY 

Introduction. Copper and mercury show certain general simi¬ 
larities to one another, as would be expected from their con¬ 
tiguous position in the electrochemical series, p. 385, but the 
relationship is somewhat superficial. Thus, although bodi 
elements are heavy lustrous metals, they are very different in 
appearance, and mercury, unlike copper, is a poor conductor of 

heat and electricity. 

Since they are less electropositive than hydrogen they are not 
attacked by water or by dilute non-oxidising acids in the absence 
of air, but they are attacked by dilute nitric acid and by hot con¬ 
centrated sulphuric acid : 

8HNO3 -F 5CU = 2NO +4H2O -f 3 Cu(N 03)2, cupric nitrate. 
mN0, + iHg = 2N0+4H,0 + ^Hg{^ 0 ,)^, mercuric nitrate 
2H.SO,+Cu = SO, + 2H..O -fCuSO,, cupric sulphate. 
aH^SO, -f- Hg = SO3 -H zHfi + HgSO., mercuric sulphate. 

In addition to forming divalent salts, both copper and mercury 
apparently * yield monovalent salts such as cuprous chloride, 

CU2CI2 and mercurous chloride, HggCla* 

COPPER. Cu=65‘6 

Occurrence and extraction. Native copper occurs in enor¬ 
mous masses in the region of Lake Superior, where it orms veins 

* Mercury is really divalent in mercurous salts, e.g. mercurous chloride has the 
structure. Cl—Hg—Hg—Cl. 
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in the red sandstone, but the metal is mainly extracted from sul¬ 
phide ores such as copper pyrites, CuFeSo, though oxide and 
carbonate ores are also utilised. 

In the Welsh process the sulphide ores are roasted in air in such 
a way that the iron is preferentially oxidised : 

zCuFcSj + 4O2 ^CugS + zFeO -f 3SO2. 

The product is heated with siliceous material to remove the 
ferrous oxide as a slag of ferrous silicate : 

FeO + SiO-i = FeSiOg. 

The enriched cuprous sulphide is then partially oxidised to 
cuprous oxide by roasting on the hearth of a reverberatory 
furnace : 

aCujS + 3O2 ^aCujO + aSOj. 

The supply of air is then stopped and the temperature raised so 
that the following reaction takes place : 

CujS + 2CU2O =6Cu + SOj. 

Impurities such as sulphur, arsenic and iron, etc., are then largely 
removed from the crude copper by melting it in a stream of air. 
When the metal is required for electrical work, it is always 
refined by electrolysis (p. 372), since even traces of impurities 
may lower its conductivity disastrously. 

Properties and uses of copper. Copper is a soft tough metal 
which melts at 1083° and has a specific gravity of 8*9. It is an 
excellent conductor of electricity and is therefore used extensively 
for electric cables. Its mechanical properties are improved by 
alloying with zinc to form Brass (70% Cu, 30% Zn) for taps, 
door knobs, etc. ; and with tin and sometimes also zinc to form 
Bronze for coinage, etc. Phosphor Bronze (about 82-5 % Cu, 
12% Sn, 4% Pb, 1*5% P) is one of the strongest non-ferrous 
alloys and is used as a substitute for steel in bearings, valves, taps, 
etc., where rusting must be avoided. 
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Copper is stable in dry air at ordinary temperatures, but 
in moist air is slowly converted into a basic carbonate, 
CuC03,Cu( 0H)2. which gives it a green tarnish. In the presence 
of traces of hydrogen sulphide from coal tires, etc., copper is 
covered with a black tarnish containing cuprous sulphide, CuaS. 
When heated, copper is oxidised by the air to cupric oxide, CuO, 
and by chlorine to cupric chloride, CuClo, but ignition with 
sulphur yields cuprous sulphide, CujS. The reactions of copper 
with acids have already been discussed in the introduction to this 

chapter, p. 459. . 

Compounds of copper. Copper forms two series of com¬ 
pounds in which it exhibits valencies of one and two, e.g.; 

Cupric oxide, CuO. 
Cupric sulphide, CuS. 
Cupric chloride, CuCl2- 

The cuprous compounds are generally white and insoluble in 
water, whilst the cupric compounds are usually blue or green and 
freely soluble in water, but cuprous oxide is red, and cupric oxide 

and the sulphides are blackish. 


Cuprous oxide, CujO. 
Cuprous sulphide, Cu^S. 
Cuprous chloride, Cu2C!2* 


CUPROUS COMPOUNDS 

Cuprous oxide, Cu^O. is prepared by reducing an alkaline 
solution of copper tartrate (Fehling’s solution) with glucose. 
The reduction may be represented by the simple equation . 

aCuO - O = Cu20. 


Cuprous oxide is a red solid which is slowly oxitbsed by the 
air to cupric oxide, CuO. This oxidation takes place rapidly 
when the oxide is heated to aoo». but does not take place above 
loooo as cuprous oxide is then more stable ‘^an cupric o^ 
Cuprous oxide dissolves in concentrated hydrochloric acid 
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give a solution of cuprous chloride, CugClj, but the latter is 
insoluble in water and is therefore precipitated on dilution : 

CuaO + zHCl^Cu.CIa f H, 0 . 

Dilute sulphuric acid reacts with cuprous oxide to give a solution 
of copper sulphate and a precipitate of finely divided copper : 

Cu ,0 + H.SO^ =CuS04 + Cu + H2O. 

The same reaction probably takes place with dilute nitric acid, 

Cu ,0 + 2HNO3 =Cu(N03)2 + Cu + HA 

but the finely divided copper is immediately attacked by the acid 
with the liberation of nitric oxide, 

3CU + 8HNO3 = 5Cu(N03)2 + 2NO +4H2O, 

so that the ultimate action of nitric acid on cuprous oxide can be 
represented by the equation : 

3CU3O + i4HN03 = 6Cu(N03)2 + 2NO + 7HA 

Cuprous sulphide, CujS, is obtained as greyish black solid by 
heating copper with sulphur ; it is also obtained when cupric 
sulphide is heated out of contact with the air. 

Cuprous chloride, CujClg, is most conveniently prepared by 
boiling a mixture of cupric oxide and copper turnings with con¬ 
centrated hydrochloric acid : 

CuO +CU + 2HCl=CU2Cl2 + ^20* 

It is a white solid which is probably built up of cuprous ions, Cu+ 
and chloride ions Cl", but the vapour undoubtedly contains 
double molecules, CugClj, so that this formula is frequently used 
in place of the simple formula CuCl. 

Cuprous chloride turns green on exposure to air as it is oxi¬ 
dised to a basic cupric chloride. It is insoluble in water, but 
dissolves in concentrated hydrochloric acid and in ammonia 
to give solutions which are sometimes employed to dissolve 
carbon monoxide. 
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CUPRIC COMPOUNDS 

Cupric oxide, CuO, can be prepared by the ignition of copper 
carbonate, copper nitrate, or copper hydroxide : 

CuCOa- CuO+CO„ 
zCuCNOg).; = zCuO + 4NO2 ^ O2, 

Cu(OH)2= CuO + ha 

It is a black solid which is insoluble in water but soluble in dilute 
acids to give a solution of a cupric salt: 

CuO + H.,SO^ =CuSOj + H2O. 

It is easily reduced to copper by heating with hydrogen or carbon: 

zCuO + C = zCu + CO 2- 

Cupric chloride, CuCl^, is obtained as a brown solid by heat¬ 
ing copper in chlorine, but the product must be allowed to cool 
in chlorine as it dissociates above 400° into cuprous chloride and 
chlorine : a reaction which was employed in Deacon s process 
for the manufacture of chlorine (p. 259): 

zCuClg —^ CujCU + Cl2' 

The hydrate, CuCl2,2HA. is obtained as green crystals by dis¬ 
solving cupric oxide in hydrochloric acid and evaporating to 

crystallisation : 

CuO + 2HCI = CuCl 2 + H 2O. 

Cupric chloride dissolves in water to give a solution which turns 
from green to brown as the concentration of chloride is increased. 
Its behaviour towards sodium hydroxide, ammonia, hydrogen 
sulphide and potassium iodide is similar to that of copper 

sulphate, which is described below. 

Cupric sulphate, CUSO4.5H2O. or Blue Vitriol, is the most 

widely used salt of copper. It is manufactured by the action of 
hot dilute sulphuric acid on either cupric oxide (a by-product m 

the extraction of nickel), 

CuO + H2SO4 =CuS04 +H2O, 
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or copper scrap, in the presence of air, 

iCu + zHjSO, + O j = zCuSO, + 2H jO. 

When the hydrate, CuS0..5H,0, is heated to ioo» it loses four 
molecules of water, but the last molecule of water is only driven 
off by heating to about 250°. The anhydrous salt is white and 
is sometimes used as a test for water, since it reacts rapidly with 

the latter to reform the blue hydrate. 

Copper sulphate is moderately soluble in water and gives a blue 

solution, which reacts with : 

(i) Sodium hydroxide and ammonia to give a light blue pre¬ 
cipitate of cupric hydroxide, 

CuSOj 4- aNaOH =Cu(OH)2 + Na2S04, 

CUSO4 + 2NH4OH = Cu(OH)2 + (NH4) 2SO4. 

Unlike sodium hydroxide, however, excess of ammonia redis¬ 
solves the hydroxide precipitate and gives a deep blue solution 

containing the complex ion, Cu(NH3)4++. ^ 

(ii) Hydrogen sulphide to give a black brown precipitate ot 


cupric sulphide: 


CUSO4 + H2S =CuS + H2SO4. 


(iii) A solution of potassium iodide to give iodine and a cream 
precipitate of cuprous iodide : 

2 CUSO 4 + 4 K,I = 2 CuI +2^2504 +l 2 * 


MERCURY. Hg = 200-6 

Occurrence and extraction. Mercury occurs in the free 
state to a limited extent, but is chiefly obtained from mercuric 
sulphide or Cinnabar, HgS. The Almaden mine in Spain has 
been worked since about 415 b.c. and is stiil the chief producer. 
The metal is obtained by roasting the sulphide in a stream of air : 

HgS + O2 = Hg + SO2. 

Properties. Mercury is a silvery liquid which freezes at - 39®, 
boils at 357°» and has the high specific gravity of 13-6. 



PROPERTIES OF MERCURY 



In its chemical properties it shows a fairly close resemblance 
to copper, which is in harmony with its position in the electro¬ 
chemical series (p. 385). Thus it is not attacked by water or non¬ 
oxidising acids, but dissolves in dilute nitric acid to give nitric 
oxide and cither mercurous or mercuric nitrate, depending upon 
whether an excess of mercury is used : 


6Hg + 8HNO3 = 3Hg2(N03)2 + 2NO -t- 4H A 
3Hg + 8HNO3 = 3Hg(N03)2 2NO + 4H A 
cf.: 3CU + 8HNO3 - 3Cu(N03)2 -f 2NO 4H A 

Mercuric sulphate is obtained when the metal is heated with an 
excess of concentrated sulphuric acid, 


compare : 


Hg + 2H,S04 = HgS04 -fSO, -i- 2H A 

Cu -F 2H2SO4 =CuS04 + SO2 -F 2H A 


but mercurous sulphate, Hg^SO^, is obtained when the metal and 
not the acid is in excess: 


iHg -h 2H2SO4 =Hg2S04 + SO2 + 2H2O. 

Unlike copper, mercury does not tarnish in pure air at ordinary 
temperatures, but it is oxidised when it is heated in air to just 
below its boiling point: 


Below jjo* 

zHg + Oj iHgO. 

Above 500® 

Mercury also differs from copper in its readiness to dissolve other 
metals and form Thus, sodium dissolves with the 

Hberation of heat and Ught when it is rubbed in a mortar with 
mercury, whilst an amalgam of tin and mercury has been used for 

coating glass mirrors. , 

Mercury is used in the construction of thermometers and 

barometers; it is also widely employed in the extraction of gold 

and silver from their ores, and in the manufacture of dental 

amalgams, drugs and detonators. 
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Compounds of mercury. Like copper, mercury forms two 
series of salts in which it is apparently monovalent (see footnote, 
p, 459) and divalent, e.g.: 

Mercurous oxide, Hg, 0 . Mercuric oxide, HgO. 

Mercurous chloride, Hg^Clj. Mercuric chloride, HgCL. 
Mercurous nitrate, Hg,(N03)j. Mercuric nitrate, Hg(N03),. 


MERCUROUS COMPOUNDS 

Mercurous oxide, Hg^O, can be obtained as a blackish brown 
precipitate by adding sodium hydroxide to a solution of mercurous 

nitrate : 

HgaCNOj).^ + zNaOH =Hg20 + zNaNOj + H., 0 . 

Like cuprous oxide, it is easily oxidised to the higher oxide, HgO, 

by gently heating in air. , • u 

Mercurous nitrate, HggCNOJg, is obtained in solution by 

shaking an excess of mercury with cold dilute nitric acid, 

6Hg -f 8HNO3 = 3Hg2(N03)o + zNO + 4H.P, 

but crystallises out as the hydrate, Hg2(N03)2,2H20, on standing. 
It is one of the very few soluble mercurous salts and resembles the 

higher nitrate in its behaviour towards heat. 

Mercurous chloride, or Calomel, Hg2Cl2, is obtained as a 
white precipitate when dilute hydrochloric acid, or a chloride, is 
added to a solution of mercurous nitrate : 

HgsCNOa)^ + 2HCI = Hg2Cl2 + 2HNO3. 

It can also be prepared by subliming an intimate mixture of 
mercury and mercuric chloride : 

Hg + HgClj ^ HgjC^. 

The arrows have been used to indicate the fact that mercurous 
chloride is largely dissociated into mercury and mercuric chloride 
in the vapour state. 
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MERCURIC COMPOUNDS 

Mercuric oxide, HgO, can be prepared either as a red crystal¬ 
line solid by heating mercury in air below 550°, or as a yellow 
precipitate by the action of caustic soda on a solution of mercuric 

nitrate : 

Hg(N03)2 + iNaOH = HgO + aNaNO^ HoO. 

The difference in colours is attributed to a difference in the fine¬ 
ness of subdivision of the particles. It is also interesting to note 
that the colours of the two oxides of mercury are in the inverse 
order to the colours of the corresponding oxides of copper, 
i.e. cuprous oxide is the red oxide of copper. Mercuric oxide, 
like copper oxide, is essentially a basic oxide, since it is insoluble 
in alkalis but dissolves in dilute acids to form mercuric salts. It 
differs from cupric oxide in the case with which it is decomposed 

by heat: 

Above joo® 

zHgO -- zHg + Oa 


compare : 


4CuO 


Above !ooo' 


■ —^ 


zCugO -FOa- 


Mercuric nitrate, HgCNO,)^, can be prepared by the action of 
an excess of nitric acid on the metal: 


yHg + 8HNO3 = yHgCNO,)^ + aNO + 4H 3O. 

It is chiefly of interest because it yields the metal on strong 
ignition, though the oxide can be easily isolated as an intermediate 

product of the decomposition : 

2Hg(N03)2 = ^HgO + 4NO2 -h O2, 

zHgO = Hg + Og. 

Mercuric chloride, or Corrosive Sublimate, HgCL, is a 
volatile solid which can be obtained as a white subUmate by 
heating mercur}' in a stream of chlorine : 

Hg + Cl 2 = HgCl 2- 
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In common with the other soluble compounds of mercury it is a 
powerful poison causing corrosion of the liver. Solutions of 
mercuric chloride give the typical reactions of soluble mercuric 

salts, viz. : 

(i) A yellow precipitate of mercuric oxide with caustic soda: 

HgClj + zNaOH = HgO + zNaCI + H2O. 

(ii) A red precipitate of mercuric iodide with potassium iodide; 

HgClj + zKI =Hgl2 + zKCl, 

but the precipitate dissolves in excess of potassium iodide to give 

a solution of the complex salt, K2Hgl4. 

(iii) A white precipitate of mercurous chloride with stannous 

chloride, 

zHgCla + SnClg=Hg2Cl2 + SnCl4, 
but with an excess of stannous chloride the precipitate turns 
black owing to the separation of mercury : 

HgjC^ + SnClg = aHg + SnQ4. 

(iv) A black precipitate of mercuric sulphide with hydrogen 

sulphide: Hea2 + H2S=HgS + zHa 


HISTORICAL NOTES 

Copper. The metal copper has been known to man for at least 
six thousand years, and it is generally agreed that a Copper Age pre¬ 
ceded the Bronze Age in the ancient world by about a thousand 
years, but the dates at which copper and bronze implements and 
ornaments were first used varies considerably in different localities. 
Chinese bronze was quite common in 1800 b.c., whilst finds of Egyp¬ 
tian bronze, prior to 1600 b.c., are rare. At the battle of the Marathon, 
490 B.C., the Greeks are said to have been more pleased with the bronze 
swords and spears which they captured from their Persian foes than 
with anything else. 

The earliest specimens of copper may have been obtained from 
nadve deposits, but it is conceivable that the metal was produced by 
the reduction of carbonate ores in a charcoal or wood fire. The min- 
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ing of copper ore in Cyprus dates back to 3000 B.C., and during the 
Roman occupation of Britain copper ore was mined in Anglesey. 

Mercury. A vessel full of mercury has been found in an Egyptian 
grave of about 1600 b.c., and the metal was evidently quite familiar 
to the ancient Greeks, for Aristotle stated {circa 320 b.c.) that it must 
contain much water and air because it resisted solidification by cold. 
In alchemical times the element was thought to be a prime constituent 
of all metallic bodies. 


EXPERIMENTS 

Expt. 68 . To examine the properties of copper and its compounds 
(<2) Copper. Examine the action of dilute and concentrated sul¬ 
phuric acid, hydrochloric acid and nitric acid on copper turnings, and 
identify the gaseous products, if any. N.B.—Great care must be 
taken to add only 2 or 3 c.c. of concentrated nitric add to the copper, 
and the test must be carried out in a fume chamber. 

{b) Examine the effect of heating cupric oxide, cupric sulphate, 
cupric carbonate, cupric nitrate in test-tubes, and identify the gaseous 
and solid products, if any. What happens when water is added to the 

product left after heating cupric sulphate? 

(c) Cupric oxide. (i) Heat a little cupric oxide with distilled 

water and test the solution with blue and red litmus paper. 

(ii) Add copper oxide gradually to 50 c.c. of hot dilute sulphuric 
acid until no more will dissolve, filter and evaporate to crystallisation. 
Identify the crystals. 

(iii) Heat an intimate mixture of copper oxide (12 parts) with wood 
charcoal (i part) in a test-tube fitted with a cork and delivery tube. 
Identify the gaseous and soUd products, being careful to heat until no 

further change occurs. 

(d) Copper sulphate. Dissolve about 5 grams of copper sulphate 
in 100 c.c. of distilled water in a beaker, and note carefully what 
happens when separate portions of this solution are teswd in turn 
with : blue litmus paper, iron nails, hydrogen sulphide, dilute caustic 
soda followed by heat, ammonia (add drop by drop until no further 
change occurs), and a solution of potassium iodide. 
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(f) Cuprous oxide. Prepare a specimen of cuprous oxide by 
heating a solution containing one gram of glucose with 200 c.c. of 
Fehling’s solution. The latter is prepared by dissolving 7 grams of 
copper sulphate in 100 c.c. of water, and adding 100 c.c. of a solution 
containing 12 grams of caustic soda and 55 grams of Rochelle salt 
(sodium potassium tartrate). Filter off the precipitate of cuprous oxide 
and wash it with boiling water followed by alcohol and then a little 
ether (why?). N.B .—is very inflammable, so all burners must he 

turned out before it is used. 

After a few minutes the cuprous oxide will be virtually drj’. Note 
its colour and the effect of heating it in air and with dilute sulphuric 
acid; tr)' to identify the products formed in the last tv.'o tests. 

(/) Cuprous chloride. Heat 10 grams of cupric oxide with 
20 grams of copper turnings and too c.c. of concentrated hydrochloric 
acid in a small flask in a fume chamber. Allow to simmer for 15 
minutes, then add another 100 c.c. of concentrated hydrochloric acid 
and continue the heating until the mixture is almost colourless. 
N.B.—Do not boil the mixture or much of the hydrochloric acid will 
be expelled. Pour the clear solution into joo c.c. of cold distilled 
water, which has been previously boiled to expel dissolved oxygen, 
since cuprous chloride is readily oxidised. The cuprous chloride is 
precipitated as a white powder and should be collected on a filter paper, 
washed with boiled distilled water and dried in a vacuum desiccator. 
Test its solubility in ammonia and hj’drochloric acid. 

Expt. 69. To examine properties of mercury and its compounds. 

(a) Mercury. Examine the action of dilute and concentrated 
hydrochloric acid, nitric acid and sulphuric acid on mercury, and 
identify the gaseous products, if any. 

{b) Mercurous and mercuric compoimds. Examine the effect 
of heat on the oxides, nitrates and chlorides of mercury and identify 
the products. Then prepare dilute solutions of the two nitrates and 
note carefully what happens when separate portions of these solutions 
are tested with (i) dilute hydrochloric add, (ii) dilute caustic soda, 

(iii) potassium iodide, drop by drop until an excess has been used, 

(iv) hydrogen sulphide. 
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QUESTIONS ON CHAPTER XXXV 


1. Describe the electrolytic process for the refining of copper. 
Name four distinct uses of copper. 

Starting with cupric oxide, how would you obtain {a) a dry crystalline 
specimen of copper sulphate, (b) a sample of metallic copper.-' 

(C.W.B.S.C) 

2. Explain what is meant by saying that zinc and copper are metals 

while sulphur, for example, is a non-metal. In what important ways 
do zinc and copper differ from one another? (O.S.C.) 

3. Starting from copper and sulphuric acid, how would you prepare 

{a) a gas jar of sulphur dioxide, ip) crystals of copper sulphate? State 
shortly how you would recover a specimen of metallic copper from 
copper sulphate. (C.W.B.S.C.) 

4. Describe three distinct methods of preparing cupric oxide. 

Explain how you would use your preparations to illustrate the law of 
constant proportions. (O- 2nd C.S.C.) 

5. Describe and explain, giving equations, the actions of copper 
on {a) dilute nitric acid, {b) concentrated sulphuric acid. 

Starting from a cupric salt, how may cuprous chloride be prepared? 

(O. and C.S.C.) 

6. Describe the preparation of cupric oxide from copper, and of 

cuprous oxide from copper sulphate. 

Compare the actions of hydrochloric acid, nitric acid, and dilute sul¬ 
phuric acid on these two oxides. (O.S.C.) 

7. Given a supply of metallic copper, how would you proceed to 
prepare specimens of (a) copper carbonate, (b) copper sulphate, (c) 
cupric oxide, (//) cuprous oxide, (e) copper nitrate? 

How could you reconvert the copper nitrate into metallic copper? 

(L.M.) 


8. Describe with full experimental details how you would prepare 
from copper sulphate specimens of metallic copper, cupric oxide, 
cupric sulphide, and crystalline copper nitrate in as pure a condition 

as possible. /r c r , 

Give equations to illustrate the reactions in each case. (t-.o.L..) 

9. How can cupric chloride be prepared from copper, and cuprous 

chloride from cupric chloride? Name tm physical pr^erties which 
enable these two chlorides to be distinguished. (O. and C.b.L.) 
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Describe the extraction of mercury from its ore and give an 

account of the properties and uses of the metal. 

,i Explain carefully how, having been provided with the me al. 
you would endeavour to show that mercury forms two scries of salts 
' ra. Starting with mercury, how would you specimens o 

whisi;u^sr“srh=:^"Swa^~ - 

mercuric chloride. 
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POTASSIUM PERMANGANATE. POTASSIUM 
CHROMATE AND DICHROMATE 

Introduction. Manganese and chromium are two metals which 
are of considerable importance in the manufacture of special 
steels. Thus chromium is used in the manufacture of stainless 
steel (87% Fe, 12% Cr, 0-5% C. and up to 0-7% Ni), and man¬ 
ganese in the production of tough steels for tramway points and 
cross-overs, etc. The two metals resemble iron in that they dis¬ 
solve in dilute acids to give divalent manganous and chromous 

SflltS 

* Mn-hH2S04=H2-hMnS04, manganous sulphate ; 

Cr -HH2S04 = H2 + CrS04, chromous sulphate ; 

but whereas the former are more stable than ferrous salts, the 
latter are much less stable and are rapidly oxidised even by the 
air to trivalent chromic salts. The two metals, manganese and 
chromium, are of especial importance to the chemist because they 
form higher oxides which are not only acidic but also powerful 
oxidising agents. Thus manganese forms mangane^ heptoxide. 
Mn20„ and chromium, chromium trioxide, CrOj. These oxides 
are too unstable for general use and are therefore prepared in the 

form of salts, viz.: 

Potassium permanganate KMn04(Is.20+Mn20, — 2lCMn04). 
Potassium chromate K2Cr04(K20+ Cr03 —K2Cr04). 
Potassium dichromate K2Cr207(K20 + 2Cr03 = K2Cr20,). 

473 
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POTASSIUM PERMANGANATE 
Potassium permanganate, KMnO,. \XTien manganese di¬ 
oxide is fused with caustic potash and an oxidising agent such as 
potassium chlorate, it is oxidised to a green mass, potassium 

manganate, K2MnOj: 

6Is:OH + 3Mn02 + KCIO3 = jKjMnO^ + KCl + 3H2O. 

The manganate can then be converted into potassium perman¬ 
ganate by dissolving it in water and treating it with chlorine or 
carbon dioxide, as described in Expt. 70, p. 478. 

zK^MnO^ + Clo = aKMnO^ + 2KCI, 

+ 4CO2 + zHad = zKMnOj + 4KHCO3 + MnO^. 

Potassium permanganate is a purple solid which is rather 
sparingly soluble in water, 100 parts of which dissolve 5-5 parts 
of the salt at 15° C. It is a powerful oxidising agent, and in acid 
solution is readily reduced to a divalent, colourless manganous 
salt by hydrogen sulphide, sulphur dioxide, oxalic acid, and 
ferrous salts, etc. The equations for these reactions are diffi¬ 
cult for the beginner to remember, and it is much better to learn 
how to deduce them. Thus in the presence of a suitable reducing 
agent and dilute sulphuric acid, two molecules of permanganate 
can provide five atoms of oxygen for oxidation : 

(i) aKMnO, + 3H2SO4 = K2S04 + 2MnS04 + 3H2O + 5[O]. 

Since one oxygen atom is required for the oxidation of one mole¬ 
cule of hydrogen sulphide to water and sulphur, 

H2S + [0]=H20 + S, 

it is clear that the fae available oxygen atoms in equation (i) can 
oxidise five molecules of hydrogen sulphide : 

(ii) sHaS + 5[0] = 5H2O + 5S. 

Hence, by adding equation (ii) to equation (i) all the available 
oxygen will be used up and the resultant equation will be : 
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(iii) zKJvInOj -i- 3H2SO, * ^ iMnSO^ - 8H2O 

-r 5S. 

Similarly five molecules of sulphur dioxide are required to use 
up the five available oxygen atoms in equation (i) : 

(iv) 5SO2 + 5[^1 ~ 

Adding equation (iv) to (i) yields : 

(v) zKMnO^ + 5SO2 + 2H2O -KsSOj + zMnSO^ + 2H2SO4. 

Note carefully the cancellations that have taken place in this addition, 
viz. : 3H2SO4 from the left-hand side of (i) has reduced 5H2SO4 on 
the right-hand side of (iv) to aHoSOj in (v) ; and 3H2O on the right- 
hand side of (i) has reduced jHgO in (iv) to zhUO in (v). 

Five oxvsen atoms oxidise ten molecules of a ferrous salt: 

(vi) loFeSO^ -t- SH2SO,, + 5[0] = 5Fe2(SO.i)3 -f sH.O, 

hence adding (vi) to (i) gives: 

(vii) 2KMn04 + loFeSOj -t- 8H2SO4 =K2S04 -t- aMnSO^ 

+ 5^^2(504)3+ 8H2O. 

Similarly, by writing the oxidation in stages, it is easy to deduce 
the following additional equations, which represent the action 
of potassium permanganate on cold concentrated hydrochloric 
acid, cold hydrogen peroxide solution, and hot (70° C.) oxalic 

acid. 

(viii) 2KMn04 -h 16HCI = 2KCI -f zMnCU + 5CI2 + 8H2O. 

(ix) 2KMn04-^3H2S04-h5H202 = K2S04-H2MnS04 

+ 8H2^ 5^2 

(H,0, + [0]=H20 + 0,). 

(x) 2KMn04 + 3H,S0, + 5(C00H)2=K2S04 + 2MnS04 

-f- IoC(-)2 + 0^2^-/ 

((C 00 H )2 + [O] = 2 C 02 + HjO). 

The use of potassium permanganate in volumetric analysis is 
discussed in the next chapter, p. 490. 
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CHROMATES AND DICHROMATES 

Introduction. In spite of the fact that chromates are iso- 

morphous with sulphates, e.g.: 

Potassium chromate, IC^CrO^, and potassium sulphate, 
an acid corresponding to sulphuric acid, HoSO^, has not been 
isolated. Instead, measurements show that when chromium 
trioxide, CrOj, is dissolved in water, dichromic acid is the main 


product: 


HjO + 2 Cr 03 — HjCfjO;. 


When, however, this solution is neutralised with an alkali such 
as caustic potash, it is possible to obtain either a dichromate, 
KjCrjO,, or a chromate, K2Cr04, the actual salt depending on 
the relative proportion of alkali to acid : 


(i) 2 K: 0 H-i- 2 Cr 03 = K 2 Cr 207 +H2O; 

(ii) 2KOH +K2Cr20, = 2K2Cr04 + H20. 

This last action is easily reversed by adding almost any dilute acid. 


(iii) iK firOi + H gSO^ = K jCr + K 2 S 04 + H 2O. 

Since chromates have a yellow colour and dichromates an orange 
red colour, it follows that the addition of acid to a chromate, 
equation (iii), causes a colour change from yellow to orange, and 
conversely, the addition of an alkali to a dichromate, equation (u), 
produces a colour change from orange to yellow. 

Chromates and dichromates as oxidising agents. Chro¬ 
mates and dichromates are powerful oxidising agents and are 
mainly used for this purpose in the laboratory. Thus, in the 
presence of a dilute acid, they will oxidise hydrogen sulphide, 
sulphur dioxide, ferrous sulphate, etc., being reduced themselves 
to a dark green chromic salt. The equations for these reactions 
may be deduced in precisely the same way as those for perman¬ 
ganate, on the assumption that one molecule of dichromate [or 
two of chromate, since acids convert these into one molecule of 
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dichromate, equation (iii)] can provide a reducing agent with three 
atoms of oxygen : 

(iv) KXr^O, + 4H2S04 =KoSO., + + 4H2O + 3[0]. 

Thus we may write : 

3H2S + 3[0]-3H20 + 3S, 

5SO2 + 3H2O + 3[0] = 5H2SO4, 

6FeS04 + 3H..SOJ -r 5[0] = + 3H2O, 

and add these equations to (iv) to give 

(v) KXr207 + 4H2S04 4- 3H2S =K..SO., + 02(804)3 

+ 7 H 20 + 3 S. 

(vi) 4- H2SO4 ^ 3SO2 = K2S04 + ^2(804)3 4 - HjO. 

(vii) K2Cr207 + 7H2S04 + 6FeS04=K2S044Cr2(804)3 

4 - 3 Fe 2 (S 04 )a + 

The reaction represented by equation (vi) is sometimes used to 
prepare chrome alum, K,SO,. Cr,SO„a4H , 0 , but the best method 
of obtaining this salt is to reduce potassium dichromate with 

alcohol and sulphuric acid as described in Expt 71. P- 478 - 
Before concluding, it is of interest to record that chromium 
trioxide crystallises in crimson needles when concentrate 
phuric acid is added to a solution of potassium dichromate. 

Expt. 72, p. 478. 

K A2O, + HjSO, = K^SO, + aCtO, + HP ; 

whilst hot concentrated hydrochloric acid, or better, a ^xture 
of common salt and concentrated 

dichromates to yield a volatile, blood red hquid, called chrom, 
chloride, CrOgClg, 

KprP, + 4NaCl + 6HjSO, 

= 2KHSO4 4 - 4NaHS04 4 - zCrOaClj + 3li2U. 
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EXPERIMENTS 

Expt. 70. Preparation of poussium permanganate. 

A mixture of caustic potash (60 grams) and potassium chlorate 
(50 grams) is melted in an iron dish which is clamped securely on a 
tripod stand. Finely powdered manganese dioxide (60 grams) is then 
added in small quantities at a time (say 4 grams every 30 sec.), the 
mixture being stirred vigorously with an iron rod and heated to 
maintain it in a molten condition. The heating must be as moderate 
as possible at the start, otherwise the chlorate will give up much of its 
oxygen to the air. but stronger heating will be necessary when most of 
the manganese dioxide has been added, since the mixture stiffens. 

The above product is heated strongly for 40 minutes and stirred 
more or less continuously. It is then allowed to cool and, after being 
powdered up in a mortar, is boiled gently (to avoid excessive evapor¬ 
ation) for about i h hours with 700 c.c. of water in a large beaker. A 
stream of carbon dioxide is passed into the liquid during the whole of 
this period to speed up the conversion of the manganate into perman¬ 
ganate, and the transformation is judged to be complete when a drop 
of the liquid no longer gives a green tint to filter paper. The solid 
matter (consisting mainly of manganese dioxide) is allowed to settle 
for a few minutes, and the clear upper liquid is then filtered through a 
thick plug of glass wool (why not filter paper?) in a funnel. The 
solution is evaporated in a basin until a drop of it deposits a good crop 
of crystals when rubbed on a watch glass ; it is then filtered once 
again and left to crystallise. If the yield of crystals is small, the 
mother liquor should be evaporated to half its bulk and left to crystallise 
again. 

Expt. 71. Preparation of chrome alum. 

Pour too c.c. of water on to 20 grams of finely-powdered potassium 
dichromate in a beaker, then stir and cautiously add 15 c.c. of con¬ 
centrated sulphuric acid. Slowly add 15 c.c. of alcohol to this product, 
stirring vigorously and keeping it below 60® C. by immersion in cold 
water, otherwise a complex salt will be formed. Warm the product 
to about 50° C. and stir until all solid material is dissolved, then set 
aside to crj’^stallise. 
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Expt. 72. Preparation of chromium trioxide. 

Potassium dichromatc (3 grams) is dissolved in hot water (25 c.c.) 
in a boiling tube, and concentrated sulphuric acid (25 c.c.) is then 
cautiously added with stirring. The mixture is allowed to cool slowly 
by placing it in a beaker of boiling water, so that large crystals are 
obtained, which can be separated from the mother-liquid by decanting 
on to a Buchner funnel, without using a filter-paper. 

QUESTIONS ON CHAPTER XXXVl 

1. Describe how you would prepare a crystalline specimen of 
potassium permanganate, starting with manganese dioxide. Give an 
account of the reactions of acidified permanganate with (a) terrous 
salts, (/») oxalic acid, (<•) hydrogen peroxide. 

2. Starting with potassium chromate, how would you endeavour to 
prepare specimens of (<2) potassium dichromate, (b) chromium 
trioxide, (c) chrome alum? 

3. What is the action of (a) concentrated sulphuric acid, (b) caustic 
potash solution, (c) sulphur dioxide, (d) acidified ferrous sulphate, on 
a solution of potassium dichromatc? What happens when solid po¬ 
tassium dichromate is heated with concentrated sulphuric acid and 
common salt? 
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VOLUMETRIC ANALYSIS 

Inuoduction. Quantitative analysis is the estimation of the 
quantities of the elements or compounds in a given substance, 
whilst qualitative analysis is only concerned with the recognition 
of the elements or compounds. Quantitative analysis may be 
carried out in either of two ways, namely by measuring volumes, 
that is, by volumetric analysis, or by weighing, which is known as 
gravimetric analysis. In general, volumetric analysis is easier and 
quicker to perform than gravimetric analysis, but it is not capable 

of such a Mgh degree of accuracy. 

Instruments for measuring volumes. Three instruments 
are commonly used for delivering a measured volume of a liquid, 
viz. a measuring cylinder. Fig. 86 (tf); a pipette. Fig. 86 (h), 
and a burette, Fig. 86 (c). A measuring cylinder is usually cali¬ 
brated in cubic centimetres,* and as it is not capable of a high 
degree of accuracy it is only used for measuring out approximate 
volumes. Pipettes and burettes, on the other hand, are capable 
of measuring volumes of lo c.c. and upwards to within of 
the exact value. 

A pipette is calibrated to deliver a given volume of liquid at a 
stated temperature. The liquid is sucked up the instrument until 
its level is just above the calibration mark on the stem; the top 
of the pipette is then closed with the index finger. The excess 
of liquid is allowed to flow out of the pipette by partially releasing 

* Measuring instruments are now usually marked in ml., that is, milli-litrcs, in 
place of C.C., but in elementary work the two units may be assumed to be identical. 
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the finger until the bottom of the meniscus is just level with the 
calibration mark. The liquid is then allowed to run out of the 
pipette into a conical flask, and when the “ run ” changes to 
intermittent dropping, the pipette is allowed to drain for 10 
seconds by placing its delivery end against the side of the flask. 
The residual liquid in the pipette must not be blown out. 



[a) Measuring (b) Pipette 
Cylinder 

Fig. 86 . Apparatus for 


(c) Burette 
measuring liquids 


(d) Calibrated 
Flask 


A burette is calibrated in tenths of a cubic centimetre and 
normally has a capacity of 50 c.c. The tap should be lightly 
smeared with vaseHne so that it turns smoothly in its socket. If 
a burette is not clean and dry it should be rinsed out with water, 
foUowed by a Httle of the Hquid with which it is to be filled. In 
acid-alkali titrations it is always advisable to put the acid m the 
burette, since alkalis may cause the tap to seal up if the burette 
is put away without first being thoroughly washed. 
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A calibrated flask, Fig. 86 (d), difTers from the foregoing 
instruments in that it is meant to hold but not to deliver a stated 
volume of liquid ; it is therefore used when a weighed quantity 
of a substance has to be dissolved and made up to known volume 
with water (or other solvent). Unless the substance dissolves 
easily and rapidly in cold water, it should be dissolved in about 
40 c.c. of hot water in a beaker and then transferred via a funnel 
to the calibrated flask—the residual liquid in the beaker being 

rinsed into the funnel with plenty of water. 

N.B.—Never heat a calibrated flask, and therefore never tip the solid 

directly into the funnel unless it dissolves rapidly in cold water. 

When the flask is nearly filled to the mark, it is advisable to add 
the remaining liquid with a dropping tube so as to avoid over¬ 
shooting the mark. One final precaution— shake the flask 
thoroughly during and after filing to ensure that the composition of the 

solution is uniform. 

Use of weighing bottle. When solids have to be weighed 
out accurately it is always advisable to use a weighing bottle with 
stopper, so that moisture and dust arc excluded. The bottle 
should be weighed approximately to within, say, 100 mg., and 
then accurately with what is thought to be the right quantity of 
material—some may be added or removed during the weighing. 
The contents of the bottle are shaken into a beaker, and the bottle 
plus remnants are then accurately weighed to find the exact 
amount of solid that has been removed. By adopting this pro¬ 
cedure the tedious operation of washing all the solid out of the 
bottle is avoided. 

Normality and equivalent weights. The concentrations of 
the standard solutions which are used in volumetric analysis are 
usually expressed in terms of the number of gram-equivalents of 
the solute per litre of solution. Thus : 

A normal solution contains one gram-equivalent of the given 
solute per litre of solution. 
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A decinormal solution contains one-tenth of a gram-equivalent 
of the given solute per litre of solution. 

In volumetric analysis it is theretorc essential to know what are 
the equivalent weights of the substances that are being titrated 
together. For our purpose we shall first consider acids and 
alkalis. 

The gram-equivalent weight of an acid is that weight of it 
which contains one gram of hydrogen replaceable by a metal. 
Hence the gram-equivalent of: 

Nitric acid (HNO3) = molecular weight = i -f 14 + 16 x 5 

= 63'0 grams ; 

Hydrochloric acid (HCl) — molecular weight = i + 5 5'5 

= 36-5 grams ; 

Sulphuric acid (HgSOj) = half molecular weight 

2-1-32-1-16x4 

=- - -= 49-0 grams ; 

because these are the weights of acid which contain one gram of 
replaceable hydrogen. 

The gram-equivalent weight of a base is that weight of it which 
will neutralise one gram-equivalent of an acid. 

Sodium hydroxide, potassium hydroxide, sodium carbonate 
and potassium carbonate react with dilute hydrochloric acid 
according to the following equations: 

NaOH HCl =NaCl -f HA 

KOH-hHC 1 =KCUHA 

NagCOg -I- 2HCI =2NaCl -i-COj + H A 
K2CO3 + 2HCI = 2KCI + CO2 + HjO. 

It should therefore be clear that the equivalent weight of 

Sodium hydroxide (NaOH) = molecular weight 

= 23 -I- 16 -{-I =400 grams; 

Potassium hydroxide (KOH) = molecular weight 

= 39-1 -I- 16 -hi =561 grams ; 
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Sodium carbonate (Na^COs) — 


half molecular weight 
io6 

-= 53’0 grams; 


Potassium carbonate (K2CO3) — 


half molecular weight 
1 % 8'2 - 

— =69* I grams ; 


because these are the weights which can neutralise one gram- 
equivalent of an acid. 

The abbreviation N is used to express the normality ot a 
solution, c.g. : 

2N . NaOH, represents twice normal sodium hydroxide solution 

N. NaOH, „ normal 

N/io. NaOH, „ decinormal 


acid and alkali titrations 

Preparation of standard solutions. Standard solutions of 
acids and alkaUs cannot usuaUy be obtained directly by dis¬ 
solving a known weight of the acid or alkaU in water and making 
up to a given volume, because most of the common acids, e.g. 
HNO 3 , HCl, H2SO4, and alkalis, e.g. NaOH and KOH, are not 
sufficiently pure for this purpose. Sodium carbonate, however, 
can be obtained in a very high degree of purity by heating sodium 

bicarbonate gently : 

zNaHCOs =Na2C03 + CO, + H 2 O. 

A normal solution can then be obtained by dissolving 53-0 grams 
of the sodium carbonate in water and making up to one litre. 
This solution can then be used to standardise an approximately 
normal solution of nitric acid or hydrochloric acid, etc., and the 
latter can be employed to standardise a similar solution of an 

alkali such as sodium hydroxide. 

Indicators for acid-base titrations. The end point where a 
measured volume of alkali exactly neutralises a given volume of 
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acid is determined by using a suitable indicator. The colour 
changes of some common indicators are given in Table 9. 


Table 9. Indicators for Acid-base Titrations 


Indicator 

Colour in 
acid solution 

Colour in 
alkaline 
solution 

Colour in 
neutral solution 

Suitable for 
titration of: 

Litmus 

Red 

Blue 

Purple 

Not recom¬ 
mended 

Methyl 

orange 

Red 

Yellow 

Orange-red 

Strong acid 
and any 
base, in¬ 





cluding 

carbonates 

Phenolph¬ 

thalein 

Colourless 

Pink 

Colourless 

Strong base 
and any 
acid 


Litmus is not a very good indicator because it is affected by 
carbon dioxide, but methyl orange can be used for the Utration 
of any base (including carbonates) with nitric, hydrochloric or 
sulphuric acids, since these are strong acids, see p. 374- H the 
acid is weak, phenolphthalein is a suitable indicator provided 
that the base is a strong one, but it must not be used with car¬ 
bonates or other weak bases such as ammomum hydroude. The 
theory underlying these statements is too difficult to be under¬ 
stood at this stage and the student must therefore learn by heart 

the details given in the last column of the table. 

Procedure. In order to illustrate the precautions that have 
to be taken, and the method of calculating the result from the 
observed measurements, we may consider the following prob em. 

Keqmred to fiod the normality and the number 
ehlom add in a litre of concentrated hydrochloric acid { i ) g 

provided pure sodium carbonate. 
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A Standard solution of sodium carbonate of about normal 
strength is first prepared, e.g. by dissolving about 15 grams 
( = onc quarter of an equivalent weight) of sodium carbonate in 
hot water in a beaker and, after cooling, making up to 250 c.c. 
in a calibrated flask. 

N.B.— out the beaker into the flask and he sure to mix the 
solution thoroughly. 

Now dilute the concentrated hydrochloric acid ten times by 
running 25 c.c. of it from a burette into a 250 c.c. calibrated flask, 
and adding water up to the mark. After shaking to mix thor¬ 
oughly, rinse out a burette with the acid and fill to the mark. 
Then pipette 25 c.c. of the standard carbonate solution into a 
conical flask containing a few drops of methyl orange. 

N.B.— het the pipette drain for 10 seconds^ and do not ever use more 
than 0‘ 5 c.c. of indicator for each titration unless you have been told to 
the contrary. 

In order to save time it is much better to carry out the first 
titration as rapidly as possible by opening the burette tap nearly 
fully, and shaking the flask vigorously with one hand, the other 
hand being placed on the tap so that it can be turned off the 
moment a change in the colour of the indicator is observed. In 
this way the end point is found to within 2 c.c. of the correct end 
point—with practice it is possible to get within i c.c. of the end 
point. Record the reading of the burette and wash out the 
conical flask with distilled water before repeating the titration. 

N.B.— Do not refill the burette to the e^ero mark unless it does not 
contain sufficient acid for the next titration iyi'hy"?). 

For the second titration run the acid rapidly out of the burette 
to within 2 c.c. of the end point, then approach the latter gradu¬ 
ally by allowing the acid to drop out of the burette at the rate of 
about a drop per second. 

N.B.— Use both hands \ shake the flask with one hand and hold the 
burette tap with the other. 
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Carry out the next and succeeding titrations by running in acid 
rapidly to within 0-5 c.c. of the end point, then drop by drop 
until the colour changes to orange-red. 

N.B.— Three concordant titrations must always be obtained and the 
volumes should be so chosen that at least i j c.c. of liquid is required from 
the burette. 

The measurements and calculations should be set out thus: 

Wt. of bottle + sodium carbonate =18-51 gm. 

Wt. of bottle + residual carbonate = 5-41 gm. 

/, Wt. of sodium carbonate =15-10 gm. 

This weight of carbonate was dissolved in water and made up to 
250 c.c. 

Wt. of carbonate per litre = 15-10 x 4 = 5 2-4 gm. 

Equivalent wt. of sodium carbonate =i molecular wt. = S3'o ; 

normality of carbonate solution = A^x 52-4/53-o = N xo- 988 . 

25 c.c. of this solution required the following volumes of acid : 


Titration 

I 

2 

5 

1 

4 

Second reading 

First reading - 

22*4 c.c. 

0-0 C.C. 

1 

44*4 C.C. 
22-4 C.C. 

21*9 c.c. 
0-0 c.c. 

43*9 

21-9 c.c. 

• 

Volume of acid 

22-4 C.C. 

22-0 C.C. 

21-9 c.c. 

22-0 C.C. 


Average volume of acid (ignoring first titration) -22-0 c.c. 

To calculate the normaUt)' of the hydrochloric acid use is made of 


the equation: 

= N2^2, 


where N,=normality of alkali =0-988, and r,=its volume = 25-o c.c. 
and Nj = unknown normality of acid, and v.^ = iis volume - 22-0 c.c. 
Hence 0-988 x 25 =iV2 22*0 , 



25 X 0-988 


1-12 = normality of acid. 


22 
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The concentrated hydrochloric acid was 
normality is : 

10 X I'I2N= II'2-N. 
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diluted ten times, hence its 



Weight of acid per litre = normality x gram-equivalentweightofacid. 
Equivalent weight of hydrochloric acid = molecular weight = 36-5. 
weight of hydrochloric acid per litre = 11-2 x 36-5 =409 grams. 


The general equation 
deduced as follows : 




If 1000 c.c. of alkali contain N, equivalents of alkali. 


Nj. Vi 

Then c.c. „ „ » ^ »» »’ ’* 

Similarly, if 1000 c.c. of acid contain Ng equivalents of acid. 

.. *'2 

Then c.c. „ „ „ ^ » » » 


But, since c.c. of alkali exactly neutralise c.c. of acid, it is clear 
that these two volumes contain precisely the same number of equi¬ 
valents of alkali and acid respectively : 


Pi 


: Nj X —i-^Ngx—=-, 
* 1000 1000 


(0 


When the concentration, of a standard solution is given in grams 
per litre and it is required to find the concentration, Cg. of an unknown 
solution in grams per litre, it is more convenient to use the equation, 


...fii) 

Hi H/ . 

where E, and Eg represent the respective equivalent weights of the 
solute in the standard and unknown solutions. This last equation is 
an obvious deduction from equation (i), since 


and = 

Some problems on acid and alkali titrations are worked out on 
pages 496 to 499. 
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SILVER NITRATE TITRATIONS 

A standard solution of silver nitrate is used to estimate the 
strength of solutions of chlorides, bromides and iodides. Thus 
in neutral solution a chloride, bromide or iodide may be esti¬ 
mated by adding silver nitrate from a burette to a measured 
volume of the solution of the halide, to which has been added 
a few drops of a io*}o solution of potassium chromate. The 
silver halides, AgCl, AgBr, Agl, are less soluble than silver 
chromate and are therefore precipitated before the latter when 
silver nitrate is added to the halide-chromate solution, e.g. : 

AgNO^ -h KCl = AgCl + KNO 3 . 

When the halide has been precipitated, the addition of a slight 
excess of silver nitrate causes the precipitation of crimson silver 

chromate, 

zAgNOa -F KjCrO^ = AgAOi + 2KNO3, 

so that at the end point the precipitate in the titration flask turns 
from white (AgCl). cream (AgBr) or pale yellow (Agl), to pmk. 

Silver chromate is soluble in dilute acids so that potassium 
chromate can only be used to indicate the end point m a neutral 
solution. A very accurate end point can be obtained in neutral 
or acid solutions without the use of an indicator, namely, by 
adding the silver nitrate to the halide solution, shaking vigorously 
to coagulate the precipitate, and repeating the addition of silver 
nitrate until a drop of it no longer produces any further cloudiness, 
that is. aU the haUde has been precipitated. The disadvantage 

of this method is that it is very tedious. ^ . 

For the preparation of standard solutions of salts, in titrations 

not involving oxidation or reduction, it should be remembere 

The gram-equivalent weight of a salt is that weight of it which 
contains one gram-equivalent of the acid radical. 
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The gram-equivalent weight of an acid radical is, of course, 
that werght of it which is combined with one gram of acidic 
hydrogen in the acid. It should therefore be obvious that the 

gram-equivalent weight of: 

Silver nitrate, AgNOg, is the gram-molecular weight, viz. : 

io8 -i- 14 +48 = 170 gm. 

Potassium chloride, KCl, is the gram-molecular weight, viz. : 

39-1 -I- 35*5 =74-6 gm. 

Calcium chloride, CaClj, is half the gram-molecular weight, viz.: 


4Q + 71 

2 


= 55‘5 gm. 


A standard solution of silver nitrate can be obtained by 
weighing out the requisite quantity of the pure dry recrystallised 
salt, but it is usually advisable, in view of the fact that silver 
nitrate is decomposed by light, to check the strength against a 
standard solution of potassium chloride. The latter can be 
prepared very accurately by weighing out pure potassium 
chloride, dissolving it in water and making up to a known 
volume in a calibrated flask. 


POTASSIUM PERMANGANATE TITRATIONS 

Introduction. Potassium permanganate is a very useful 
reagent for estimating the strength of reducing reagents, not only 
because it is a powerful oxidising agent which is able to oxidise 
completely a wide range of reducing agents, but also because it 
can be used without an indicator. Thus, if potassium perman- 
cranate is added from a burette to a solution of a ferrous salt in 
dilute sulphuric acid, 

ioFeS 04 -I- zKMnOj 8H2SO4 

- 5 Fe 2 (S 04)3 H-K^SOi + 2MnS04 -h 8HA 
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the end point is indicated by the fact that a slight excess of per¬ 
manganate turns the almost colourless solution of ferric sulphate, 
etc., to a faint permanent pink colour. 

In acid solution two gram-molecular weights of potassium 
permanganate can give five gram atoms ( = tcn equivalents) ot 
oxygen to a suitable reducing agent, as represented by the 
equation : 

2KMn04 + 3H2SO4 = K2S04 + zMnSO., + ^HX) + 5 [O]. 
Hence, since 

the equivalent weight of an oxidising agent is that weight of it 
which can give one equivalent of oxygen (or the like) to a 
reducing agent, 

it is clear that the equivalent weight of potassium permanganate 
is one-fifth of its molecular weight. 

Standardisation of permanganate. It is not advisable to 
prepare a standard solution of potassium permanganate by 
merely weighing out the requisite quantity of the solid and making 
up to a known volume, because the salt is seldom sufficiently pure 
for this purpose, and deteriorates in contact with air. Instead, 
solutions of permanganate are prepared which are somewhat 
stronger than the required strength, and are then standardised 
with a suitable reagent and diluted to the requisite strength. A 
suitable reagent for this purpose is ferrous ammonium sulphate, 
FeS04,(NH.|)2S04,6H20, because it is a stable salt and can be 
prepared in a very pure condition. In preparing a standard 
solution of this salt it is necessary to know that 

(i) In solution it reacts with potassium permanganate just like 
ferrous sulphate, that is, the ammonium sulphate takes no part in 
the oxidation. 

(ii) One molecular weight of ferrous (ammonium) sulphate 
requires one equivalent weight of oxygen (=J gram atom) for 
oxidation, 

2 FeS 04 + H2SO4 + [O] =Fe 2 (S 04)3 -h H^O, 
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and hence the equivalent weight of ferrous annmonium sulphate 

is its molecular weight, viz. 392 grams, because ; 

The equivalent weight of a reducing agent is that weight o 
which requires one equivalent of oxygen (or the hke) for 0x1- 


(iii) Aqueous solutions of ferrous salts are readily oxidised by 
the atmosphere unless an excess of a dilute non-o^dising acid is 
present. Hence ferrous ammomum sulphate is always first dis- 
solved in bench dilute sulphuric acid (50 c.c. per 250 c.c. ot 
ultimate solution), and then made up to a known volume with 


distilled water. 

Estimations with standard permanganate, {a) Iron and 

ferrous salts. The percentage of iron in an aUoy can usually be 
estimated by dissolving a known weight of the aUoy m dilute 
sulphuric acid; making up the resulting soluUon to a known 
volume with water, and titrating measured pomons of this with 


standard permanganate: 

Fe + HqS04=FeS04 + 



loFeSOi + 2KMn04 + 8H2SO4 

= 5Fe2(S04)3 + K 2 SO 4 4- 2MnS04 + 

From what has been said in the preceding section it should be 
obvious that one gram-atom of iron, 56 grams, provides one 
equivalent of ferrous sulphate for oxidation, hence 

I c.c. Njio KMrtO^ is required for each 0-0056 gm. iron. 

Most ferrous salts can be estimated with permanganate, but 
ferrous chloride, bromide and iodide cannot be determined in 
this way because acidified permanganate liberates the halogen. 

{b) Oxalic acid and oxalates can be titrated directly against 
standard permanganate in the presence of sulphuric acid ; 


5(C00H)2 + 2KMn04 + 3H2SO4 

=K 2 S 04 + aMnSOi + loCOj + BHfi. 
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The above oxidation takes place very slowly in the cold, and 
hence it is necessary to run the permanganate into a mixture of 
oxalic acid (or oxalate) and sulphuric acid which has been heated 
to 70° C The oxidation can be represented by the simple 
equation : 

(COOH), + [O] - 2CO2 + HA 

where [O] is provided by the permanganate. It should be clear 
from this equation that the equivalent weight of oxalic acid is 
half of its molecular weight. In the case of oxalates, the sulphuric 
acid liberates oxalic acid, which then reacts as above ; hence the 
equivalent weight of the oxalate is deduced from the number of 
equivalents of oxalic acid which it provides, e.g. the equivalent 
weight of sodium oxalate is half its molecular weight: 

Na^COOQa + H2SO4 =Na.,S04 + (C00H)2. 


(f) Hydrogen peroxide reacts quantitatively with acidified per¬ 
manganate according to the equation : 

5H2O2 + 2KMn04 + 3H2S04 ^KaSO^ + 2 MnS 04 + 5O2 + 8H A 

or H2O2 + [O] =H20 + Og. 


The equivalent weight of hydrogen peroxide is thus one half of 
its molecular weight. The permanganate is run from a burette 
into a measured volume of the peroxide, made acid with sul¬ 
phuric acid, and the end point is indicated, as usual, by the pro¬ 
duction of a faint permanent pink coloration. 


IODINE-THIOSULPHATE TITRATIONS 
Introduction. Iodine reacts quanutatively with sodium thio¬ 
sulphate according to the equation : 

aNa^SjOa -I-= aNal 4 - Na^SA. sodium tetrathionate. 

This reaction is used to estimate the strength of iodine solutions, 
as well as that of other solutions which can liberate iodine from 
potassium iodide in neutral or acid solution. Since the products, 
sodium iodide and sodium tetrathionate, are colourless, the end 
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point of the titration could be obser\'ed by adding thiosulphate 
from a burette until the colour of the iodine disappeared. In 
practice, however, a few drops of starch paste solution are added 
when the iodine has faded to a ver>' pale yellow colour. The 
iodine and starch react to form an unstable compound which has 
a very intense blue colour, and is therefore much more obvious 
to the eye than the corresponding quantity of iodine. This com¬ 
pound gives up its iodine to thiosulphate, so that the latter is 
again run in from the burette until the blue colour just disappears. 
A very sharp end point is obtained if the starch is not added 
until the iodine solution has faded to a pale straw colour, but if 
it is added in the early stages of the titration. large clots of the 
starch-iodine compound are formed, and these may only react 
slowly with the thiosulphate and cause an indistinct end point. 

Preparation of standard solutions. A standard solution of 
sodium thiosulphate. NaoSsOa.sH-P, cannot be prepared by 
direct weighing because laboratory specimens of the compound 
are not sufficiently pure, but a standard solution of iodine can be 
prepared with fair accuracy by weighing out resublimed iodine 
and dissolving it in a solution of potassium iodide. The result- 
intr solution of iodine can then be used to standardise an unknown 


solution of thiosulphate. 

The above procedure is not suitable when a high degree of 
accuracy is required, because solutions of potassium iodide are 
readily oxidised by the atmosphere to give free iodine. Stan¬ 
dardisation is therefore effected by means of potassium iodate, 
KIO3, which can be obtained in a high state of purity, and which 
oxidises acidified potassium iodide according to the equation : 


KIO3 5KI fiHCI = 6 KC 1 + 3l2 -H 

It is clear from this equation that one molecular weight of 
potassium iodate can liberate six equivalents of iodine, that is, 
for the purpose of standardisation a normal solution of it would 
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contain one-sixth of a molecular weight per litre. Measured 
portions of such a solution (normal or decinormal) are run into 
a conical flask and then treated with an excess of dilute hydro¬ 
chloric acid and solid potassium iodide ; the latter is added in 
the solid state because of the case with which its solution is 
oxidised by the atmosphere. The thiosulphate is then run in 
from the burette and thus standardised against the iodate. The 
equivalent weight of sodium thiosulphate is clearly the same as 
its molecular weight, because this quantity reacts with one 
equivalent of iodine : 

2Na2S203 +12 = aNal 4- Na2S40g. 


The standardised thiosulphate can then be used to estimate the 
strength of an unknown solution of iodine. 

Estimation of available chlorine in bleaching powder. The 
“ available ” chlorine in bleaching powder is expressed as a per¬ 
centage, and refers to the weight of chlorine which is liberated 
when 100 parts of the powder are treated with a dilute acid : 


Ca(OCl)2 + 4HCI = CaCU. + zCU + zH.O. 

For the purpose of estimating the available chlorine, a known 
weight of bleaching powder is ground to a fine cream with 
water and then made up to a known volume with water. Measured 
portions of this suspension are then run into a flask containing 
an excess of dilute hydrochloric acid and potassium iodide. The 
chlorine, set free by the acid, reacts with the iodide to give free 

iodine, , 

2KI + CL = 2KCl+l2, 


which is then estimated by means of standard thiosulphate. The 
calculation is based on the fact that one equivalent of chlorine 
(35-5 grams) liberates one equivalent of iodine, which requires 
one equivalent of thiosulphate, i.e. i c.c. N/io thio ( — 1/10000 
equiv.) corresponds to 0*005 5 5 grams available chlorine (— i /10000 

equiv.). 



R 


C.C. I 
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PROBLEMS 

, If Z’.CC. of mn,ml mlphurk acid mutraUxcd 2i of a soluHoa of 
sodiJcarbonak and 22 ..2. of a eolation of sodium btearhonak, ca/cu/ak the 
strengths in grams per litre of each of these two solutions. [Na - 23. C - 12, 

° The^’leactions of sulphuric acid with sodium carbonate and hi- 
carbonate may be represented by the equations : 

NaoCOa + HoSO^ = NagSO, + COg + HgO, 
aNaHCOa + HjSOj = NajSO^ + zCO^ + aHjO. 

Hence, since the equivalent weight of sulphuric aad is one-half of 
its molecular weight, it is clear that the gram-equivalent weight ot: 

Sodium carbonate is half its molecular weight 

= = 5 3 gm.; 

z 

Sodium bicarbonate is equal to its molecular weight 

= 23 + 1 + 12 + 16x3=84 gm. 

Using the general formula 

Nil/i = = ^3*'3. 

where Ni, Na, N3 = respective normalities of the sulphuric acid, 

sodium carbonate and bicarbonate, 

and v^, I'a = respective volumes of above solutions, 

whence i x 25 =Na x 21 =1^3 x 22 , 

.*. N2=M and N 3 =||- 

Weight per litre = normality x gram-equivalent weight 

strength of sodium carbonate 

= N2 X 55 X 53 = 63 grams per litre; 

. strength of sodium bicarbonate 

= N3 X 84 =11 X 84 = 95*5 grams per litre. 
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PROBLEMS ON VOLUMETRIC ANALYSIS 

2. jy 24 c.c. of a tenth-normal solution of an alkali have been added to 10 c.c. 

of normal sulphuric acid, what volume of fifth-normal sodium carbonate will be 
required to neutralise exactly the remaining acidity? (J.M.B.S.C.) 

24 c.c. N/io alkalis2-4 c.c. N. alkali. 

2*4 c.c. N. alkali neutralises 2*4 c.c. N. H2SO4. 
excess of acid =10-2*4 = 7*6 c.c. N. H2SO4. 

7*6 c.c. N. H2S04S7-6 c.c. N. NajCOa 

= (7'6 X 5) c.c. N/s NagCOj 
= 58*0 c.c. N/5 Na^COg. 

N 

Hence the remaining acidity will require 38-0 c.c. of — sodium 
carbonate. 

3. What weight of carbon dioxide would he liberated if zo grams of anfydrous 
sodium carbonate were acted upon by 450 c.c. of normal sulphuric acid? 

[C = 12, 0 = 16, Na = 23.] (J.M.B.S.C) 

It will be seen from the equation 

NagCOg + H2SO4 = NajSO* + COg + HgO, 
that one gram-molecular weight of sodium carbonate, viz.: 

23 X 2 +12 +48 = 106 gm., 

requires two gram-equivalents of sulphuric acid for neutralisation ; 

20 gm. of NajCOg require =0-377 equivalent of sulphuric 

acid. 

But 1000 c.c. of N. H2SO4 contain i-o equivalent of acid ; 
45oc.c.ofN. H2SO4 contain =0-450 equivalent of acid. 

Hence in the above example all the sodium carbonate is attacked 
because 20 grams of it only require 0-377 equivalent of acid. 

From the equation given above 

106 gm. NarCOg yield 44 gm. of COj (C = i2, 02 = 3 ^); 

/. 20gm. „ „ ^^^ = 8*3 gm. CO2. 

The weight of carbon dioxide liberated is 8-3 grams. 
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4. When a solution S containing nitric acid and hydrochloric acid was 
treated with excess of silver nitrate, silver chloride was precipitated according 

to the following equation : 

HCl + AgNOg = AgCi + HNO3. 

It n-as found that 10 C.C. of S yielded silver chloride. 

40 c.c. of I required 21 -o c.c. of sodium hydroxide (40 grams per hire) for 
complete neutralisation. 

Calculate the weights of hydrochloric acid and nitric acid respectively preset 

r. f c (O. and CS.C) 

in I litre oj h. ^ 

10 c.c. of S ppt. 0*5 gm. silver chloride ; 

/. 1000 c.c. of would ppt. jo-o gm. sUver chloride. 

Gram-molecular weight of hydrochloric acid = i + 3 5 • 5 = 5 gn^- 

Gram-molecular weight of silver chloride = 108 35-5 = MJ'S gm- 

From the above equation it follows that: 

i45-i gm. silver chloride are pptd. by 36-5 gm. hydrochloric acid ; 

36-5 X 50_ 

50-0 gm- » » »* » » 145.5 ” 

= 12*7 gm. hydrochloric acid. 

Hence one litre of solution S contains 12-7 gm. of hydrochlonc acid. 

grams per litre 4° , ^ 

Normaliry of sodium hydroxide = --40 “' 
Substituting in the general equation, 

where and = normality of NaOH and S respectively, 

and t'l and v^ = volumes of NaOH and S respectively ; 

I X 21 ‘O = X 40, 


21-0 

N.,«- -=0-525. 
- 40 


• • 


one 


litre of the solution 5 contains 0-525 equivalent of acid. 


Equivalents of hydrochloric acid in 5 = ^^ =0-348 per litre. 
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Hence equivalents of HNO3 per litre of S = 0-525 -0-548 =0-177. 
Weight of nitric acid per litre = equivalents per litre x equivalent 

weight 

= 0*177 X63 =11-2 gm. 

Hence one litre of solution S contains 11-2 gm. of nitric acid and 
12.7 gm. of hydrochloric acid. 


5. 25-0 r.r. 0/ a solution X, prepared by dissolving 5-00 grams of a silver 
alloy in nitric acid and making the volume up to 250 c.c., was just sufficient to 
precipitate all the chloride ion in 20-0 c.c. of a solution containing 8-o^/v7W/ 
of potassium chloride per litre. Calculate the percentage weight of silver in the 
alloy. fK = 59-i, Cl=35*5, Ag = io8.] 

Using the general equation 


C 4 


2*2 


<-,ri 


£1 j-2 




where r, and c^ represent the respective weights of potassium chloride 

and silver per litre, 

and Pj » »> 


£, and Er, 

I M 


„ „ „ volumes of potassium chlor¬ 

ide and silver solutions, 

„ „ „ equivalent weights of potas¬ 

sium chloride (74-6) and 
silver (108). 

fj = 8-o, V =20-0 c.c., V2 = 2.yo c.c.y Ej = 74*6, E^-ioi. 

8 X 20 ^2 X 2 5 , 

74*6 io8 * 

/. C2-<)‘z(> gm. silver per litre. 

If 1000 c.c. of the solution contained 9*26 gm. silver, 

9-26 X 250 


250 c.c. „ 


>9 


>9 


99 


1000 


= 2-32 gm. silver. 


But 5*00 grams of the alloy contained this weight of silver. 

., .' ,, 2*32x100 . .. 

silver in alloy = — -=46*4%. 


Hence 


5 
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6 . 2s c.c. of a solution of hydrogen peroxide, prepared by diluting c.c. 

, I 

of a commercial specimen of peroxide to i litre, reduced 20 cx. of — perman¬ 
ganate. Calculate the strength of the commercial peroxide in grams per litre 

and in “ volumes 

From the simplified equation, 

HaO, + [O] = HoO + Ojj, 

it is clear that the gram-equivalent weight of hydrogen peroxide is 

half its molecular weight, viz. 

1x2 + 16x2 
---= i7gm. 

Let Nj and Ng represent the respective normalities of permanganate 

and peroxide, 

and I'landi'a „ „ „ » volumes of permanganate 

and peroxide. 

Since = -^2^2 I 

.*. ^X20=N2X25, 

No =0'o8. 

Hence the normality of the undiluted peroxide is 

o-oSxiooo .. 

- = yzN. 

Weight of peroxide per litre = normality x equivalent weight 

= 3-2 X 17 = 34-4 gm. 

The “ volume ” strength of the peroxide is the number of volumes 
of oxygen which are liberated when the peroxide in one volume of 
solution is catalytically decomposed. It will be seen from the equation 

2H2O2 = aHgO + Oo, 

that two gram-molecular weights of peroxide, viz. four equivalent 
weights, liberate 22*4 litres of oxygen at n.t.p. 

Hence 3-2 equivalent weights of peroxide yield -^^x 3-2 = 17*9 
litres oxygen. ^ 

The commercial specimen of peroxide contained 34*4 grams of 
hydrogen peroxide per litre and had a ** volume ” strength of 17-9. 
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Ql’HSTIONS ON CHAPTER XXXVII 

1. Calculate the weights of solute in the following ; 

(a) loo c.c. .V 10 Na2C03 ; (b) 50 c.c. A' 2 IICl ; 

(r) 400 c.c. A’ 5 KHCO3 ; (<f) 500 c.c. A 10 ICSOj , 

(e) 25 c.c. 4N. HNO3; (/) 2^ c.c. 2A'. KOI! ; 

(^) 500 C.C. X 8 K2CO3; (/*) ^00 c.c. X . NaOil. 

2. Calculate the volumes of (<3) 3A.H2SO4, ( 0 ) loA . lINO.j 
(c) 4A'. MCI, (ci ) A 2 NaHC03. (e) X 4 l^OH, which will be retiuired 
10 make 250 c.c. A, 10 solution when diluted with the requisite volume 

of water. 

2. Calculate the normality of the following solutions: 0 ;) 4-9 
H.,SO. in soo c.c. solution ; (b) 0-4 gram NaOI 1 in 100 c.c. solution ; 
Mt-; grams HCl in 250 c.c.solution; (d) o-i 575 gram HNO3in 25 c.c. 
solution ; (e) 6-91 grams K2CO3 in 750C.C. solution ; (/) 105 grams 
NaHCOa in 25 c.c. solution; (^) i-06grams NaoCO^in 100c.c. solution. 

4. How many cubic centimetres of A',10 hydrochloric acid would 
be required to neutralise : 

U) 23 c.c. A'4 NaOH ; (h) 20 c.c. A ,'5 KOH ; 

(r) 13 c.c. A; 12 Na.,C03; (d) yo c.c. 2A. KgCOj ; 

(f) 50 c.c. N'j NaHCOg. 

c 25 c.c. of AVio NaOH were neutralised by : (a) 10 c.c. HCI, 

(b) 13 c.c. H,,S04. (r) 20 c.c. HNO3, {d) 30 c.c. oxalic acid, (COOH),, 

a dibasic acid. . . i - r 1 

Calculate the normality and concentration in grams per litre ot each 

of the above acids. 

6. Describe in detail the procedure you would adopt to prepare a 
litre of normal hydrochloric acid from concentrated acid. (No 
standard solutions are provided.) Mention the apparatus you would 


use at each stage. . . ., . , r j- _ 

500 ccm. of normal hvdrochloric acid react with excess of sodium 

bicarbonate. Calculate (a) the weight of gas liberated, and the 

volume occupied by this weight of gas at 17" C. and barometric height 

740 mm. / ; "I 

7. Describe how you prepare an accurately normal solution ot 

sulphuric acid. r i • 

If 23 c.c. of normal sulphuric acid neutralised 20 c.c. ot a solution 

of potassium carbonate and 22 c.c. of a solution of potassium bicar¬ 
bonate, calculate the strengths of each of these two solutions grams 
per litre. [H = i, C = 12, 0 = 16, K = 59.] (O.S.C.) 
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8. Given a normal solution of sulphuric acid and a pure specimen 
of anhydrous sodium carbonate, detail the method you would adopt 
to find the equivalent of sodium carbonate. Mention the indicator 
you would choose, and give a reason for your choice. 

15 gm. of partly hydrated sodium carbonate are dissolved in water 
to form 250 c.c. of solution. If 25 c.c. of the solution exactly neutralise 
28 c.c. of 0-93 N sulphuric acid, find the percentage of anhydrous 
sodium carbonate in the given specimen. (S.L.C.) 

9. I litre of dry hydrogen chloride, measured at 15® C. and 740 nim. 
pressure, was dissolved in water. Calculate the volume of a solution 
of sodium hydroxide, containing 40 gm. of the base per litre, which 
would be required to neutralise the acid. 

(K = i; 0 = 16; Na = 23; Cl = 35*5. The gramme molecular 
volume is 22-4 litres at n.t.p.] (O. and C.S.C.) 

»10. What do you understand by the equivalent weight of (a) an acid, 
(h) an alkali? What are the equivalent weights of (a) nitric acid, (h) sul¬ 
phuric acid, (r) calcium hydroxide? 

Describe briefly how you would (a) prepare a solution of sulphuric 
acid of about normal strength, (h) find its exact strength. (O.S.C.) 

[H = i, 0=16, N = I4, S = 32, Ca = 4o.] 

11. What do you understand by the basicity of an acid? 

Given a supply of solid potassium hydroxide and of a solid water- 
soluble dibasic acid, such as oxalic, describe carefully how you would 
Drenare the acid potassium salt of the acid in a well-cr}'stallised state. 

‘ ^ (O.S.C) 

12. Describe how to perform the following laboratory operations, 
stating with reasons the precautions necessary to ensure accuracy: 
{a) to transfer exactly 20 c.c. of a normal solution of sodium carbonate 
to a beaker, using a pipette ; {b) to set up and fill a wet burette with a 
given solution of sulphuric acid; (r) to titrate this acid against the 
sodium carbonate solution, naming the indicator. 

What was the normality of the acid solution if 30 c.c. of it were 
used in (r)? (J.M.B.S.C.) 

13. A piece of calcspar (G1CO3) was placed in 200 c.c. of dilute 
hydrochloric acid and warmed until no more dissolved. The original 
weight of the calcspar was 4*3 grams ; after the reaction it weighed 
2-0 grams. Calculate the concentration of the add in grams of hydro¬ 
chloric acid per litre. 

What volume of gas at n.t.p. will be evolved during the reaction? 

[C = i2, 0 = 16, Cl = 33*3, Ca=4o. i gram of hydrogen occupies 
II‘2 litres at n.t.p.] (O. and C.S.C.) 



REVISION NOTES 

Absolute temperature is Centigrade + 275®, p. 55. 

Acid is a compound which contains hydrogen, part or all of which 
yields hydrogen ions in aqueous solution, p. 574. 

Acid salt is a salt which contains hydrogen replaceable by a metal, 
p. 151. 

Alkali is a base which is soluble in water, p. 127. 

Allotropy is the phenomenon of an element occurring in the same 
state in more than one form; the different forms are called Allotropes,^ 
and may vary not only in their physical but also in their chemical 
properties; cf. oxygen and ozone, p. 180; diamond and graphite, 
p. 188 ; white phosphorus and red phosphorus, p. 55^- ' ^ 

Amphoteric oxide reacts with either an acid or a base to form a< 
salt and water, p. 152. 

Analysis is the splitting up of a compound either into its elements" 
or into compounds simpler than itself. 

Atom is the smallest electrically neutral particle of an element that 
can take part in a chemical change. 

Atomic weight of an element is the number of times its atom is 
heavier than the atom of hydrogen, p. 78. 

Avogadro’s Law states that equal volumes of all gases contain the 
same number of molecules when measured under the same conditions 
of temperature and pressure, p. 74- 

Base is a substance which reacts with an acid to form a salt and 
water only, p. 123. 

Basicity of an acid is the number of hydrogen atoms in its molecule 
which can be replaced by a metal, p. 128. 

Basic salt is a salt which still contains free base neutralisable by 
an acid, p. 131. 

Boyle’s Law states that, when the temperature is constant, the 
volume of a given mass of a gas is inversely proportional to the 

pressure, p. 52. 
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Catalyst is a substance which alters the speed of a reaction without 
itself undergoing any permanent chemical change, pp. 184, 259, 302. 

Charles’ Law states that, when the pressure is constant, the volume 
of a given mass of gas is directly proportional to its absolute tempera¬ 
ture, p. 53- 

Compound is a substance which is formed by the union of two or 
more elements in fixed and invariable proportions by weight, and 
which has fixed physical and chemical properties at definite tempera¬ 
tures and pressures, p. 10. 

Deliquescence is said to occur when a solid absorbs moisture from 
the air and turns to a solution ; e.g. calcium chloride is deliquescent, 
p. 159. 

Dissociation is the name given to a reversible decomposition; e.g. 

NH.Cl^NHj + HCl, p. 323. 

Double decomposition can be represented by the general equation 

AX+BY=AY+BX, 

where A and B are metals or metallic radicals (including H), and Y 
and X non-metallic or acidic radicals; see first equation, pp. 128, 150. 

Dulong and Petit’s Law states that atoms of all simple substances 
have the same capacity for heat, p. 87: 

Atomic Weight x Specific Heat = Atomic Heat = 6 - 3 . 

Efflorescence is said to occur when a hydrated salt gives up part 
or all of its water to the atmosphere, e.g. washing soda, NajCOg, 
loHjO, is efflorescent, p. 139. 

Electrolysis is the decomposition of a substance by the passage of 
an electric current, p. 365. 

Element is a substance which cannot be decomposed into simpler 
substances by chemical means, p. 10. 

Equivalent weighi of an acid is that weight of it which contains 
unit weight of hydrogen replaceable by a metal, p. 483. 

Equivalent weight of a base is that weight of it which will 
neutralise one equivalent of an acid, p. 483. 

Equivalent weight of an element is that weight of it which will 
combine with or msplace unit weight of hydrogen or eight units 
weight of oxygen, p. 5 9. 
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Gay-Lussac’s Law states that the volume of gases entering into or 
formed by a chemical reaction bear a simple numerical relanonship to 
one another, when measured under the same physical conditions, p. 74. 

Gram-atom is the atomic weight of an element expressed in grams. 

Graham’s Law states that the rate at which a gas diffuses is in¬ 
versely proportional to the square root of its vapour density, p. 80. 

Gram-equivalent weight is the equivalent weight (see above) 
expressed in grams, p. 59 * 

Gram-molecular volume of a gas is 22 4 litres at n.t.p., p. 82. 

Gram-molecular weight is the molecular weight expressed m 


grams, p. 82. 

Hydrolysis occurs when a compound is decomposed by water, e.g. 
PI, + 3H,0= H3PO, + 3HI. p. a 7 °- 

Law of constant proportions states that a pure compound always 
contains the same elements in the same proportions by weight, p. lo. 

Law of equivalent proportions (law of reciprocal propomons) 
states that the proportions in which two elements combine with one 
another bear a Simple ratio to the proportions in which they combine 
with or displace a fixed weight of any other element, p. 59. 

Law of indestructibility of matter (law of conservation of mass) 
states that the total mass of the substances taking part in any change 

remains the same, p. 27. 

Law of multiple proportions states that when two elements com¬ 
bine together to*^form more than one compound, there is a simple 
rafio between the different weights of one element which combine 

with a fixed weight of the other element, p. 40. 

Molecule is the smallest particle of an element or compound which 


can exist in the free state, p. 39* 

Normal solution is one which contains one gram-equivalent weight 
of the solute in one litre of the solution, p. 48^- 

Neutralisation takes place when an acid reacts with a base to form 


a salt and water. 

Oxidation occurs when either oxygen is added to a substance or 
hydrogen is removed, or whenever the proportion of the electro¬ 
negative constituent in a substance is increased, pp. 17^-6. 
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Reduction is the opposite of oxidation, that is, it occurs when oxygen 
is removed, hydrogen is added, or the electropositive constituent in a 
substance is increased, pp. 172-6. 

Relative vapour density is the number of times a certain volume 
of a given gas is heavier than an equal volume of hydrogen, measured 
under the same conditions of temperature and pressure, p. 79. 

Salt is the name given to the product that is obtained when part or 
all of the replaceable hydrogen of an acid has been exchanged for a 
metal or metallic radical, p. 125. 

Saturated solution is a solution which is in equilibriumwith an excess 
of the solute. 

Solubility of a substance is the number of grams of it which will 
dissolve in 100 grams of the solvent at a stated temperature to give a 
saturated solution, p. 31. 

Solute is the substance which has been dissolved, p. 31. 

Solution is the product obtained when a solute is dissolved in a 
solvent, p. 51. 

Solvent is the liquid which does the dissolving, p. 51. 

S.T.P. or N.T.P. are abbreviations for Standard or Normal Tem¬ 
perature and Pressure, namely, o^C. and 760 mm. of mercury, p. 52. 

Synthesis is the building up of a compound cither from its elements 
or from compounds simpler than itself. 

Thermal dissociation is a reversible decomposition which is 
brought about through the agency of heat, e.g. NH4CI ^ NH3 4 - HCl, 
p. 323. 

Valency of an element is the number of hydrogen atoms which are 
required to combine with or displace one atom of the element, p. 84. 

Water of crystallisation is the name given to the water which 
separates in combination with a solute, when the latter crystallises 
from aqueous solution, e.g. copper sulphate crystallises from water with 
five molecules of water of crystallisation, viz. CuS04*5H20. 

Vapour density is the weight of unit volume of a gas at a stated 
temperature and pressure, and is usually expressed in grams per litre 
at N.T.P. ; it must not be confused with the relative vapour density 
(see above). 
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The Properties of Metals. 


Potassium 
Sodium 
Calcium 
Magnesium 
Aluminium ^ 
Zinc 
Iron 

Tin 
Lead 


\ 


Decompose 
cold water 
vigorously. 


Decompose 
I’hot water, 
see p. 457- 
) Decomposes 
j steam. 

Ditto, but 

reversible. 


Liberate 
hydrogen 
from dilute 
acids,* but 
with decreas- 
Ung vigour 
fin passing 
from 

potassium 
to tin. 


Copper 

Mercury 


Oxides not 
reduced by 
carbon 
monoxide or 
hydrogen. 


Metals 
manufac- 
, tured by 
f electrolysis 
of fused 
chloride or 
oxide. 


No action 
on water or 
steam. 


Do not 
liberate 
hydrogen 
i from dilute 
acids. 


) Reduction 
reversible. 


Oxides 
reduced by 
both carbon 
monoxide 
and 

hydrogen. 


Metals 
manufac- 
Uured by the 
reduction of 
oxide with 
carbon. 


J 

} Extracted by 
roasting sul¬ 
phide in air. 


I Heat alone 
J necessary. 

• Magnesium liberates hydrogen from very dilute nitnc acid, 

Mg + 2 HNO 3 = MgfNOj)! + H 2 , 

L U U Anwn to and including tin (not aluminium, p. 45*). tcact 

similar conditions, copper and mcrcuiy- yield nitnc oxide (p. 35i)- 

In the absence of air. lead, copper and mercury arc not attacked by dilute non- 
oxidising acids. 
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QUESTIONS FOR REVISION 

' I. In what ways may a mixture be distinguished from a compound? 

Give as many reasons as possible why the atmosphere is considered to 
be a mixture and not a compound. (O.S.L.; 

2 . Classify as chemical or physical the changes which occur when 
{a) water is distilled, ib) iron rusts in moist air, (c) carbon ^ox*de is 
passed into a solution of caustic soda. (J.M.b.o.t..; 

-.^■ 3 . Describe briefly two ways of separating iron filings and flowers 

of sulphur from a mixture of these substances. 

Describe exactly what you would observe if equal weights of these 
two substances were heated together in a hard-glass tube. Which ot 
the elements would be completely used up in the reaction, and what 
would happen to the excess of the other? (G. and l-.P.t..; 

4 . State the laws of chemical combination, illustrating your answer 
by reference to compounds of oxygen, hydrogen and carbon. (U.b.C.) 

5 . State Gay-Lussac’s Law of Gaseous Combination, illustrating 

vour answer by reference toexamples. , . , 

^ How would you show experimentally that a given volume ot 
hydrogen sulphide contains twice as much hydrogen as an equa 
volume of hydrogen chloride? ‘I 

6 Distinguish between (a) the atomic weight and the equivalent 
weight of an^clement; (h) the molecular weight and the equivalent 
weif ht of a compound. In both cases, (a) and (^). give an example in 
whi?h the values are the same and an example in which they arc 

different, justify your choice of examples. /• j l • 1 ► 

Outline briefly the method you would employ to find the equivalent 

of coDoer. What additional information would you require to decide 

wheth^^r this value of the equivalent weight is the same as 

weight? 

7 HavinR given the percentage composition by weight of a com¬ 
pound and fhf atomic weights of the elements contained therein, 
Lplain carefully how to find the formula of the compound. 

JO9 
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A compound contains by weight nitrogen = 5 ro cent, hydrogen 
= 5-0 per cent., and oxygen = 6o-o per cent. Olculate the formula of 
the compound, and indicate the action of (a) heat, (b) caustic soda, 
(c) strong sulphuric acid upon it. Give the equations for the reactions 

you mention, /r n<r\ 

8. What do vou know of (a) the chemical composition, (b) tha 


chemical properties, of bases? 

Describe briefly how to prepare a base from (a) sodium cWoride, 
(b) calcium carbonate, (c) copper sulphate. (O.b.L.; 


9. Many acids are obtained from their salts by the action of other 
acids. Give fn-o examples, with equations and diagrams of the ap¬ 
paratus, but without detailed descriptions of the experiments. 

Would it be possible to use nitric acid in the preparation of (a) sul¬ 
phuric acid from sodium sulphate, (b) hydrochloric acid from 
chloride? Give reasons. (O.S.C.) 


10. Sketch the apparatus you would use in order to obtain a few 
c c, of pure water from sea-water. How would you find out whether 
the water so obtained is pure or not? 

Explain “ supersaturated solution ” and “ water of crystallisation ”, 
and illustrate your answer by reference to one example of each. 

y.M.B.S.C.) 

11. What do you understand by an oxidising agent? Give ^0 
tests by which you could recognise a given substance as an oxidising 

agent. 

Describe how you would oxidise ferrous sulphate to ferric sulphate, 
and how you would show that the oxidation was complete. (O.C.S.) 


12. Describe in some detail what will be observed, and state what 
will be the products, on carrying out the following processes ; 

{a) Passing a slow stream of oxygen through a combustion tube, 
strongly heated, and containing a long layer of charcoal. 

(b) Bubbling carbon dioxide for some time through lime-water. 

(c) The heating of potassium chlorate in a test-tube. 

(if) Lead peroxide heated on a charcoal block in the blow-pipe 

flaml (CW.B.S.C.) 



QUESTIONS FOR REVISION 5*1 

I,. Describe with full experimental details how you would prepare 
W bleaching powder, and (b) anhydrous ferr.c chlor.de? How m.gh 
chlorine be obtained from each of these substances? 

14. Explain fully what is implied by the equation 

ZnS + HoSO, ZnSO., + HgS 

and suggest methods for verifying it experimentally. ^ (C.S.C.) 

i<. The chemical properties of sulphuric acid can be classified under 
three headings—acidic, oxidising, dehydrating. Bearing this in mmd 
describe how it reacts with (^) copper, {b) zinc, (r) ammonia, {d) blue 
vitriol, {e) saltpetre. State, clearly but shortly, the 
reaction. 

16. Describe a method for the preparation of the nitrogen gas from 

Although plants and animals both contain nitrogen, and are con¬ 
stantly Uvfng and dying, the amount of nitrogen in the B 

constant. Why is this? 

17 How would you prepare and collect in a dry state a specimen 
of a^mmonia gas? How would you show that the gas is extreme y 

soluble in water? ^ ^ 

What is the action of ammonia solution on (a) a 
chloride, and ( 4 ) a solution of hydrogen sulphide? (J.M.B.S.L.; 

i8. How would you prepare from potassium nitrate specimens of 

(a) nitric acid, (b) oxygen? q S C.) 

How may nitric acid be idcntihcd. v 

in What do you understand by the term “ allotropy ”? Hmv 

w/l you ^uW^: r Snees r- 

°ween W o”ygen and oaone. (i) the above two forms °f P^osp^or^u. ^ 

20. State /».i. chemical and /n o physical properties which distinguish 

™^DcLrib™ giving different examples in each case /to distinct 
methods which may be used to reduce a metal ox.de to j ^ 

Sum carbonate, sodium bicarbonate, sodium nitrate. (O.S.C.) 
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22 (a) Outline the chemistry- of the manufacture of sodium car¬ 
bonate starting from common salt by eifher the Solvay 
U Blanc proems, (h) Summarise the chemical reactions involved m 

ihe isolatiL of iron from haematite, FeP^, by the blast turnace pr^ 
ccss (f) State (i) the element that, in addition to iron, is present in 
ordinary steel, and (ii) a reaction for the manufacture ^ 
metallic iron is used. .. 



answers 


Chapter W (P* ^ 

6. 59 gnims ammomum chloride in .00 grams of water at 24 C., an 59-! gram 
at 70® C. 

Chapter VII (p. } 7 ) 

a. w . 99-5 «•. ' 5 '-! 

3. (e) 297-9 ‘ \ <,.c! ' «• J° 3 ° C. 

4. (<») 120-6 C.C., (If) 

.. .00, 52, 20, ,a. a,.,. --.3;.3^0.- 3- ^V-M8-6. 4-37 1. 

5. 56%. " 7 - 5 %, '80%, 725 .. ' 9 /«- ^ g J.,,, g, 4.5 g. 

onf gmm hV-ogen » eigl^’g-s oaygen, 9. 8,-8%. 

.r.’L, 

Chapter IX (p. 99 ) 

s 0 (;r“^ ® w 

(vii)iooc.c. TO ti XI. 125 sees. 

7 - >24. 9 * 27 'J. 14. 103-7,207-4 

12. 8 - 91 . 26-8. trivalcm. * 3 - ^ *’ 17. 10-4. }>- 2 . 

'ig. T^j'Ig-S. 'mcTmc7‘ 

21. j6-o, divalent and trivalent; MCI,. MCI,. 

22. 1-67% contraction; dioxide and 162 gram^ 

23. Two molecules. 74 - 3 g_ ^ 

25« 448 ex. 

y- __ V t 


7. 2I%- 


Chapter XII (p» 148) 


2. («i) 5-7J 

Chapter XV (p. 186) 
7. 8.50 grams hydrogen peroxide per litp 
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ANSWERS 


Chapter X\T (p. 216) 


12. 68-6‘’o sodium carbonate. 


Chapter XVIE (p. 255) 

6. Loss in weif-ht of copper oxidc = 2-iA t^rams; gain in weight of potash bulbs 
= 5-89 grams. 


7. 448 c.c. 

Chapter XXII (p. 293) 

6. 352 c.c. 

Chapter XXVII (p. 377) 

3. 381 c.c. 

Chapter XXXI (p. 416) 

4. 7H20' 

Chapter XXXVII (p. joi) 

I. (a) 0-5 3 gm. Na^CO,; 

(A) 0‘9i3 gm. HCl; (r) 8-oi gm. KHCO3; 


2-59 gm. KjCOj: (A) 20-0 gm. NaOH. 

2. (a) 5 c.c.; (A) 2-5 c.c.; (<•) 6-25 c.c.; {*/) 50 C-C- J (0 »oo c.c. 

3. (a) N/j; (A) N/10; (r) o-8N; («/) iV/io; (0 o-!}5 N; (/) N/2 ; 

6:) N/ 5 - 

4. (a) 62 5 c.c.; (A) 40 c.c.: {() 12-5 c.c.; (d) too c.c.; (0 42-9 c-C- 

5. (tf) N/4, 9-12 gm.; (A) N/6, 8-17 gm.; (r) N/8, 7-88 gm.; (d) N/12, }-75 gm- 

6. (<j) 22 gm.; (A) 12-2 litres. ?• 86 4 gm. K,CO„ 1157 gm. KHCO3. 

8. 92% NajCOj. 9. 4I-2C-C. 10.63,49.37- 12. 0-667N. 

13. 9-12 gm., 360 c.c. 


7. NH4NO,. 


Revision Questions (p. 310) 



INDEX 


Absolute temperature, 53 
Acid, basicity, 128 
dcfmition, 123 
equivalent weight, 483 
preparation, 124 
properties, 124 
Acid-base, indicators, 484 
problems, 496 
titrations, 484 
Acidic oxide, 132 
salt, 131 

Acidity of bases, 128 
Air, composition, 106, T17 
Alchemy, 2 
Alkali metals, 391, 4 ®® 
waste, 213 
Alkalis, 127, 210 
Allotropy, 180 
Alumina, 435 
Aluminium, 43J, 44 ® 
chloride, 439 
oxide, 438 
sulphate, 440 
Alums, 427, 44 ® 

Ammonia, formula, 320 
preparation, 316, 324 
properties, 518 
uses, 322 

Ammonia soda process, 199, ^^3 
Ammonium carbonate, 5*4 
chloride, 522 
hydroxide, 319 
nitrate, 323 
sulphate, 325 _ 

Amphoteric oxide, 132 
Analysis, definition of, 5®5 
volumetric, 480 
Anhydrite, 407 
Animal charcoal, 191 
Anions, 369 
Anode, 563 


Antichlor, 253 
Aqua regia, 330 
Argon, 118 
Aristotle, 7 

Atom, structure of, 370 
Atomic heat, 87 
thcor\-, 58 

weight, definition of, 78 
determination of, 84 
Atomicity of gases, 73 
Avogadro, 93 
Avogadro’s law, 74 
applications, 73 
A/ote, 115 


Bacon, Roger, 4 
Baking powder, 203 
Balard, 272 
Base, acidity, 128 
definition, 123 
equivalent weight, 483 
preparation, 126 
properties, 127 
Basic anhydride, 519 
oxide, 131 
salt, 131 
Basicity, 128 
Bauxite, 436 
Bccher, 112 
Bcrthollet, 20, 237 
Bcr2elius, 66, 163 
Bessemer converter, 420 
process, 419 
Bicarbonates, 202-204 
Black, 210 
Black ash, 213 
Blast furnace, 417 
Bleaching, 245 
powder, 254, 493 
Blue vitriol, 463 
Boyle, 6, 110 



IV 

Boyle-Charles’ equaiion, H 
Boyle’s law, 52 
Bricks, 239 
Brimstone, 283 
Bromides, 268-270 
Bromine, 265, 272 
Bronze, 445 

Brown ring test, 535, 348 
Bunsen burner, 230 
Hame, 230 
Burette, 481 

Calamine, 412 
Calcium, 404 

bicarbonate, 202, 204 
carbide, 408 

carbonate, 197, 210, 215, 216 
chloride, 408 
nitrate, 333 
oxide, 403 
sulphate, 407 
Calomel, 466 
Calx, 110 
Candle flame, 229 
Cannizzaro, 83, 96 
Carbon, allotropy, 188, 208 
amorphous, 191 
bisulphide, 282 
dioxide, 195, 213 
cycle, 206 

equivalent weight, 70 
monoxide, 219 
occurrence, 188 
Carbonates, 197-202, 213 
Carboxy-haemoglobin, 222 
Cast iron, 419 
Catalyst, 103, 287, 299, 502 
Cathode, 363 
Cations, 369 

Cavendish, 63, 117, 160, 165 
Cement, 406 

Cementation process, 430 
Chalk, 198, 210 
Charcoal, 191, 214 
Charles’ Law, 3 3 
Chemical changes, 24 
Chile saltpetre, 532 
Chlorides, 232 
Chlorine, dioxide, 257 
history, 237 
occurrence, 240 


INDEX 

Chlorine, preparation, 241, z6o 
properties, 243 
uses, 247 
water, 243 
Chlorophyll, 207 
Chrome alum, 477. 47 ^ 

Chromium irioxide, 476, 478 

Cinnabar, 464 

Clark’s process, 131 

Classification of elements, 586 

Clay, 235 

Coal, 224, 232 

Coal gas, 226 

Coke, 192, 226 

Colloids, 36 

Combustion, history, 110 
Common salt, 240, 233 
Compound, 10 
Compound oxide, 133 
Concrete, 407 

Conservation of mass, law of, 27, 29 
Constant proportions, law of, 10 
Contact process, 302 
Copper, 439, 468, 469 , 

Copper compounds, jte cuprous and 
cupric 

Copper, pyrites, 460 
Corrosive sublimate, 467 
Corundum, 436 
Courtois, 271 
Cryolite, 436 
Cupric, chloride, 463 
hydroxide, 464 
oxide, 465 
sulphate, 463 

Cuprous, chloride, 462, 470 
iodide, 464 
oxide, 461, 470 
sulphide, 462 

Dalton, 38, 94 
Davy, 238, 271, 400-402 
Deacon process, 239 
Deliquescence, 139, 167 
Destructive distillation, 19X 
Dialysis, 360 
Diamond, 189, 208 
Diffusion, 80 
Dinitrogen tetroxide, 342 
Distillation, 16 
I Dobereiner, 387 



INDEX 


V 


Dolomite, 198, 404 
Double decomposition, 504 

Drikold, 195 
Dulong, 165 

Dulong and Petit s law, 87 
Dumas, 107, 165, 208 

Efflorescence, i 59 > 

Electrochemical equivalent, job 
series, 582 

Electrolysis, 365, 371 
Electrolytes, 365 
Electrons, 370 
Element, 10 
Empirical formula, 88 
Epsom salts, 412 
Equations, 48 
limitations of, 89 

Equilibrium point, 142, . . 

Equivalent weight, dehnition ot, 59, 

483.489. .. 

determination ot, bo, oo 
Eudiometer, 156, 155 

Faraday’s law of electrolysis, 366 
Ferric alum, 427 
chloride, 426 
oxide, 426 
sulphate, 427 
Ferroso-ferric oxide, 420 
Ferrous ammonium sulphate, 420, 45 > 

chloride, 425 
hydroxide, 425 
oxide, 424 
sulphate, 425, 45 * 
sulphide, 286, 290, 423 
Filtration, 15 
Fire extinguishers, 195 
Fixed air, 117 . . 

Fixed proportions, law of, 10, 20 

Flames, 228-232 
Flint, 235 

Flowers of sulphur, 28 t 
F luorine, 240, 272 
Formulae, 43, 88 
Fountain experiment, 262 
Fractional crystallisation, 13 
distillation, 17 
Fractionating column, 17 
Frasch process, 277 


Fuels, 223 

Fuming nitric acid, 329 
sulphuric acid, 303 

Galena, 448 
Galvanised iron, 425 
Gas carbon, 227 
Gases, identification of, 508 
Gay-Lussac, 93, 258, 271 
Gay-Lussac’s law, 74 

Gcbcr, 3, 257. 283.400 

Glacial phosphoric acid, 358 
Glass, 238 
Glazing, 239 
Graham’s law, 80 
Gram, equivalent weight, 59, 485 
molecular volume, 82 
molecular weight, 82 
Graphite, 190, 208 
Gunpowder, 335 
Gypsum, 407 

Haber’s process, 517 
Haematite, 417 
Haemoglobin, 20J 
Halogen, 240 

Hardness of water, measurement, i 33 > 

169 

permanent, 151 
temporary’, 151 
Helium, 118 
Hooke, III 
Humboldt, 93 
Hydriodic acid, 271, 275 
Hydrobromic acid, 266, 273 
Hydrochloric acid, 247, 257 
Hydrofluoric acid, 275 
Hydrogen, atomicity, 75 
bromide, 266, 273 
chloride, preparation, 247; 

pcrtics, 248; formula, 251 
displacement by mculs. 38a 
flame, 229 
fluoride, 273 
iodide, 270, 273 
nascent, 144; occurrence, 138 
peroxide, 185;. preparation, 

146 ; properties, 143 . 

sulphide, formula, 291 ; preparation, 
286, 291 ; properties, 287-292 

USCS) 145 


pro’ 


158, 



INDEX 


vi 

Hygroscopy, 159 
Hypochlorous acid, 245 

latrochemistfy, 4 
Indicators, 4K4 
Iodides, 271 

Iodine, 268. 271. 274. 495 
Ionic theory, 369, 375 
Iron, compounds, 424-428, 431 
histor\', 428 
manufacture, 417 
occurrence, 417 
passive, 425 
properties, 422, 431 
rusting, 423, 452 
stone, 417 

JabLr ibn Hayyan, 3 

Kieselguhr, 236 
Kipp’s apparatus, 139 
Krypton, 118 

Lamp black, 192 
Lane’s process, 142 
Lavoisier, 27, 115, 161, 386 
Law, Avogadro’s, 74 
Boyle’s, 32 
Charles’, 3 3 

conservation of mass, 27, 29 
constant proponions, 10, 20 
Dulong and Petit’s, 87 
equivalent proportions, 58 
Faraday’s, 365 
fixed proportions, 10, 20 
Gay-Lussac’s, 74 
Graham’s, 80 
multiple proportions, 40 
of octaves, 387 
Lead, 448, 454, 456 
acetate, 45$ 
basic carbonate, 202 
carbonate, 198, 453 
chamber process, 299, 503 
chloride, 452 
dioxide, 431, 436 
iodide, 453 
nitrate, 334, 45 2 
oxides, 430, 436 
sulphate, 433 
sulphide, 432 



Lc Blanc, 212 
Leblanc process, 212 
Liebig, 272 
Lime kiln, 405 
Limelight, 403 
Limestone, 197 
Litharge, 430, 436 
Litmus, 483 
Lockyer, 118 

Magnesium, 410 

bicarbonate, 151, 41^ 
carbonate, 412 
oxide, 411 
sulphate, 412 

Magnetic oxide of iron, 426 
Magnetite, 417 
Malleable iron, 422 
Marble, 198, 2t6 
Matches, 333 
Mayow, ! 11 
Measuring c^-lindcr, 480 
instruments, 480 
Mcndeleef, 587 
Mercuric chloride, 467 
nitrate, 467 
oxide, 467 

Mercurous chloride, 466 
nitrate, 466 
oxide, 466 

Mercury, 464, 469, 470 
compounds, 466-468 
Metallic conductors, 363 
Metals, 379, 307 
Metaphosphoric acid, 338 
Mineral water, 130 
Mixtures, properties of, ii 
separation, 13 
Moissan, 209, 273 
Molecular formula, 88 

weight, definition of, 78; deter¬ 
mination of, 79 
Molecule, 39 

Monoclinic sulphur, 279, 280, 284 

Mordant, 440 

Morley, 165, 166 

Mortar, 406 

Muriatic acid, 237 

Nascent hydrogen, 144 
Neon, 118 



INDEX 


Vll 


Neutral oxide, 155 
Ncwlands, 587 
Nitrates, 352-356, 34^ 

Nitre, 553, 398 
Nitre air, 111 

Nitric acid, histor>-, 544; preparation, 
327; propcnics, 329; uses, 352 
oxide, 340, 344, 347 
Nitrogen, 3:5 
cycle, 336 
oxides, 538 
peroxide, 342, 346 
Nitroso-sulphuric acid, 299 
Nitrous oxide, 338, 345, 346 
Non-metals, 379 
Normality, 482 
Normal solution, 482 

Oil of vitriol, 310 
Oleum, 503 

Orthophosphoric acid, 357 
Oxidation, 172, 174, 176, 576 
Oxide, classification, 131, 154 
Oxygen, allotropy, 181 

discover)-, 114 . j • 

estimation in air, 119 ; dissolved air, 

121 

occurrence, 103 
preparation, 105, 119 
properties, 105 
uses, 106 

Oxy-haemoglobin, 205 
Ozone, 180, 185 

Paladium, 166 
Paracelsus, 3 
Parsons, Sir Charles, 209 
Peat, 224 

Periodic uble, 387 
Permutite, 132 
Peroxide, 132 
Pewter, 445 
Philosopher’s stone, 4 
Phlogiston, 112 
Phosgene, 222 
Phosphatic fertilisers, 338 
Phosphine, 333 
Phosphoric acids, 337 
oxide, 537 ,, 

Phosphorus, allotropy, 352 

chlorides, 339 


Phosphorus, history, 561 
oxides, 336-337 

pcntachlonde, 361 
preparation, 331 
propenies, 332, 362 
red, 332 
trichloride, 360 
uses, 333 
white, 332 
yellow, 332 

Phosphorous oxide, 336 
Phossy-jaw, 333 
Photosynthesis, 206 
Physical changes, 24 
Pig iron, 4 > 7 * 4'9 
Pipette, 480 
Plaster, 406 
Plaster of Paris, 407 
Plastic sulphur, 280 
Poly-oxide, 133 
Porcelain, 239 
Potash, 201, 211, 2t5, 400 
alum. 427. 440, 441 
Potassium, 398 

carbonate, 201, 2ti, 215, 400 
chlorate, 236 
chromate, 476 
dichromatc, 476 
hydroxide, 400, 402 
iodide, 269, 271 
nitrate, 333 
perchlorate, 236 
permanganate, 473 > 47 ^, 49 ° 
sulphides, 289 
Pottery, 259 
Priestley, ti 4 . >6o 
Prismatic sulphur, 279, 280, 284 
Producer gas, 224 
Proust, 20 

Purification of liquids, 13 
of solids, 13 

Pyrophosphoric acid, 338 

Quartz, 233 
Quenched steel, 422 
Quicklime, 403 

Rain-water, 149 
Ramsay, 118 
Rayleigh, 118 
Red lead, 431, 456 
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Reduction, 175. ' 76 . 576 
Relative vapour density, 79 
Respiration, 205 
Reverberatory furnace, 448 
Reversible reaction, 141 
Revision notes, 503 
Rey, 110 

Rhombic sulphur, 279, 280, 284 
Richter, 66 
River water, 149 
Rock crystal, 255 
Ruby, 456 
Rusting, 423 

Sal ammoniac, 322 
Salt, acidic, 151 
basic, 131 
definition, 125 
preparation, 129, 153 
properties, 130 
Salt cake, 213 
Saltpetre, 333 
Sal volatile, 324 
Sand,235 
Sapphire, 436 
Saturated solution, 3 '* 5 * 

Scheele, 116, 257, 362 
Scott, 163 
Sea-water, 150 

Siemens-Martin process, 420 
Silica, 235 
Silica garden, 237 
Silicic acid, 236 
Silicon dioxide, 235-236 
Silver chloride, 234 
nitrate titrations, 489 
Slaked lime, 406 
Smithy scale, 422 
Soda, 202, 211, 400 
Soda ash, 200 

Sodium, bicarbonate, 199, 202 
carbonate, 199, 211, 212, 215, 400 
chlorate, 246 
chloride, 240, 253 
hydroxide, 394 * 597 . 4 °^ 
hypochlorite, 243 
manufacture, 392 
nitrate, 332, 398 
occurrence, 591 
oxide, 294 
peroxide, 394 


INDEX 

Sodium, phosphates, 557 * 55 ® 
properties, 393 
silicate, 236 
sulphate, 398 
sulphides, 289 
sulphite, 293 
thiosulphate, 493 
Solder, 445 
Solubility curves, 33 
definition, 31 
measurement, 32, 34 
Solute, 31 
Solution, 31 

Solvay process, 199, 215 
Solvay tower, 199 
Solvent, 31 
Soret, 182 

Spent iron oxide, 227 
Spirit of hartshorn, 524 
Spirit of salt, 237 
Stahl, 112 
Stalactites, 204 
Stalagmites, 204 
Stannic chloride, 446, 453 
hydroxide, 447 
oxide, 445 
sulphide, 447 . 

Stannous chloride, 446, 453 
hydroxide, 447 
oxide, 443 
sulphide, 447 
Stas, 208 
Steel, 4 ' 9 - 42 i 
Sublimation, 14 
Sugar of lead, 433 
Sulphates, 308 
Sulphides, 289 
Sulphites, 293 
Sulphur, allotropy, 278-281 
equivalent weight, 71 
extraction, 277 
history, 283 
occurrence, 277 
properties, 278-282, 284 
trioxide, 298 
uses, 282 

Sulphur dioxide, formula, 297 
preparation, 295, 311 
profjertics, 295-297 
uses, 298 

Sulphuretted hydrogen, 287 



INDEX 


IX 


Sulphuric acid, electrolysis of, 367 
fuming, 305 
history-, 310 
manufacture, 299-503 
properties, 304-307, 312 
uses, 307 

Sulphurous acid, 205 
Supersaturated solution, 3* 
Superphosphate, 339 
Symbols, 45 

Synthesis, definition of, 506 

Tempering, 42^ 

Thermit process, 438 

Tin, 443. 454. 455 

compounds, 445 * 447 , 455 
Titrations, acid-basc, 484 

iodinc-thio, 495 
potassium permanganate, 49 ° 

silver nitrate, 489 
Transition temperature, 279 
Tuyeres, 417 
Tyndall effect, 56 

Valency, 45 . 84 
Van Helmont, 6 ^ . . 

Vapour density, definition ol, 79 
determination of, 96 


Washing soda, 202 
Water, composition, 153, 155. 

567 

formula, ij4 
hardness, 131, 169 
histor)-, 160 
occurrence, 149 
propenies, 137 
Water gas, 223 
Water glass, 236 
Water vapour correction, 5 3 
Weathering of rocks, 207 
Weldon mud, 239 
process, 238 
White lead, 202, 433 
Wood charcoal, 191 
Wrought iron, 422, 430 

Xenon, itS 

Zinc, 412 
blende, 412 
carbonate, 198, 415 
chloride, 414 
oxide, 414 
sulphate, 415 
sulphide, 290, 414 
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7404 
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7482 
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60 69001699870077016170247033704^ 705070597067 11 
706470937101 71107116 71^0 7135 7143 715- * 

719372027210 7216722072351 
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743 W 443 745 M 7459 7460 7474 1 
73137520752^ 753975437551 p 
7 5S9 7 597 7604 7612 7619 7627 1 
679 768676947701 1 

59 17709 77107723773* 1 / 73 ^ 7745 7752 17760776777741 

60 '7782 778977907803 781078187825I783278397846 
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